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Study guide 


This Unit consists of three components—the Main Text, a TV programme, and an 
audiocassette sequence. There are no home experiments associated with the Unit. 


In this Text, which is shorter than average for this Course, I have provided some 
historical background to the new ideas that are introduced and developed. When 
you are studying the Unit, please bear in mind that it is not necessary to learn any of 
these historical details since they will not be assessed in TMAs, CMAs or in the final 
examination. 


If you have already browsed through the Text, you may have concluded that this 
Unit is rather mathematical and that you will have to learn quite a few new formulae. 
However, in my opinion, that conclusion is not correct. You are asked to remember 
only three of the formulae introduced in this Unit: 


E = hf, which gives the energy of the photon (Section 3); 


2M,Umax = hf — ġ, which is Einstein’s photoelectric equation (Section 3), and 
L = nh/(2n), whichis one of the formulae used to specify Bohr’s model of the hydrogen 
atom (Section 5). 


The mathematical manipulations carried out in this Unit are all very simple, and 
they nearly all involve these three formulae. 


Let me now make some comments on the TV and audiocassette components of the 
Unit. Before you watch TV13, which is entitled X-rays and energy levels, you should 
have read Sections 2.2.3, 4.2, 4.3 and 6.2 of the Text. In the short audiocassette 
sequence, which is entitled A critique of the Bohr model, I review critically the successes 
and failures of the Bohr model of the atom. 


Finally, I should like to suggest a strategy you can adopt if you are particularly 
short of time. I recommend that you should skip Sections 3.3 and 7, and that you 
should only browse through Section 6. These are the least important parts of the 
Text, but they are of course assessable. 


Introduction to the quantum mechanics 
and atomic physics Block (Units 13-15) 


Two of the most remarkable revolutions in the history of science took place in 
Europe at the beginning of the present century. As you saw in Unit 12, the first 
revolution began in 1905 when Einstein formulated the special theory of relativity, 
in which he drew attention to the importance of inertial frames and the constancy of 
the speed of light in a vacuum. In Einstein’s theory, the old Newtonian ideas about 
space and time were modified, and the modifications enabled a radically new and 
unified interpretation of the so-called classical physics of Newton and Maxwell. In 
this sense, the special theory of relativity can be regarded as the crowning glory of 
classical physics. 


The same is certainly not true for the other great revolution, which was brought 
about by the formulation of quantum mechanics (which is otherwise known as 
quantum theory). This theory was entirely new and its assumptions were entirely in 
conflict with those of classical physics. This is not to say that all the physics you’ve 
learnt so far in the Course is entirely worthless and that you can therefore tear up 
Units 1-12, even if that is a pleasant thought. The point is that the need for quantum 
mechanics arises only when we try to understand atomic phenomena, most of which 
cannot be explained by classical physics. 


I shall begin the quantum mechanics and atomic physics Block by describing in this 
Text five puzzling experimental results that, by 1900, had not been explained by 
classical physics. I'll then go on to show how insight into the solutions to these 
awkward problems was derived from the first attempts to formulate quantum theory. 
First, Pll introduce the concept of the quantum of electromagnetic radiation (the 
photon), and then I'll go on to show how attempts to understand atomic structure 
led Niels Bohrin 1913 to formulate a quantum theory of the atom. Although this model 
was successful, it had many profound shortcomings and it soon became clear that a 
radically new quantum theory of the atom was needed. 


classical physics 


2.1 


2.2 


2.2.1 


2.2.2 


Such a theory was devised in the mid-1920’s by Schrödinger, Heisenberg and others. 
In Unit 14, John Walters will describe the foundations of this great theory, and I 
shall return to discuss some of its applications in Unit 15. You'll be seeing in these 
two Units that the theory can be used successfully to discuss subjects as diverse as 
the scattering of X-rays, the operation of lasers, the structure of the Periodic Table 
and the nature of radioactive a-decay. At the very end of the Block, I shall be describ- 
ing briefly how quantum mechanics and special relativity together spawned a new 
branch of physics, relativistic quantum mechanics, which was responsible for one 
of the most remarkable (and successful) predictions of modern science—the existence 
of anti-matter. 


Some problems for classical physics 


Introduction 


At the turn of the present century, physicists were faced with several profound 
problems that could not be solved by using the classical theories of Newton and 
Maxwell. In this Section, I shall describe five of these problems, and later in the Unit 
you'll be seeing that all but one of the five were solved by using the ideas of quantum 
theory that were formulated between 1900 and 1922. 


Before you continue, however, I should like to stress that the five problems discussed 
here were certainly not the only problems facing physicists around 1900, nor were 
they necessarily perceived to be the most important problems at the time. I chose the 
five problems simply because the attempts made to solve them between 1900 and 
1922 seem to me to illustrate most clearly the basic ideas of quantum theory. 


Five problems 


Problem 1: understanding atoms 


Towards the end of the nineteenth century, it was gradually becoming accepted that 
matter was not infinitely divisible (continuous), but that it consisted of certain 
discrete parts, which were called atoms. 


The results of some rather crude experiments had indicated that the atoms that made 
up the different chemical elements each had a diameter of very roughly 107 1° m. 
This observation prompted some scientists to ask ‘What’s so special about 107 +° m— 
why shouldn’t atoms have diameters of, say, 10° ° m? That may strike you as rather 
an odd question—is it reasonable to ask why atoms should have a certain size? 
Shouldn’t the typical atomic size be taken as being God-given? Fortunately for us, 
the Danish physicist Niels Bohr did regard this as a pertinent and extremely important 
question—and he was able to give it a clear and intelligible answer, as you'll be seeing 
shortly. 


One other question that needed to be answered was whether or not atoms had 
constituents. Did each element consist merely of tiny indivisible atoms, or did the 
atoms themselves have constituents? 


Problem 2: understanding spectroscopy 


One branch of science that had developed considerably by the end of the 1850s was 
that of spectroscopy, the study of the light emitted by chemical substances. The 
spectroscopists were investigating the consequences of, for example, heating chemical 
samples in a flame.* 


* Nowadays, the light for spectroscopic experiments can be obtained from discharge tubes 
in which an electric current flows through the vapour of the chemical under investigation. 
You will have used such a piece of apparatus if you did the physics experiment at the Summer 
School of the Science Foundation Course. 


atomic size 


spectroscopy 
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If a compound containing sodium is burnt in a flame, yellow light is usually emitted 
(Figure 1, facing page). To find its wavelength, a beam of the light is shone on a 
diffraction grating (Figure 2). If the yellow light consists of all wavelengths in the 


diffraction 
grating 


yellow part of the visible spectrum (580-600 nm), the light should simply fan out from 
the grating to give continuous bands on either side of the straight-through beam. But 
that does not happen (Figure 3a). Instead, the yellow light is diffracted only at certain, 
definite angles (Figure 3b). This implies that the yellow sodium light consists of light 
of certain, definite wavelengths, or, in other words, that it consists of spectral lines. 
The wavelength A of each line is determined by the angle 6, through which it is 
diffracted by the grating, provided that the grating spacing d is known. As you saw 
in Units 9 and 10, 6, is given by the equation sin 6,, = nd/d, where n is the order of the 
diffraction. 


It turns out that each element has its own spectrum, that is, its own individual 
pattern of spectral lines: you can see examples of different spectra in Figure 4. The 
fact that each element has its own characteristic spectrum is the basis of an important 
technique of chemical analysis—if the spectrum of an element is identified in the 
spectrum of a chemical sample, it can be concluded that the sample contains that 
particular element. 


By 1860, spectroscopists had determined the spectra of many elements. That was 
all very well, but the really difficult problem was to interpret these data. What could 
be concluded from the patterns of spectral lines? And why do elements emit light 
of certain, definite wavelengths? Many believed that these questions were hopelessly 
difficult to answer—it seemed that it was no more reasonable to ask a scientist to 
distil physical principles from spectroscopic data than it would have been to ask an 
engineer to deduce the internal construction of a piano from a performance of the 
“Moonlight Sonata’. 


So far, I have mentioned only the complicated spectra of elements such as helium, 
iron and neon. But what about the spectrum of hydrogen, the element that contains 
the lightest (and simplest?) atoms of all? Perhaps it would be feasible to deduce 
physical principles from the spectrum of the least complicated element in the same 
way as it might just be reasonable to ask the hapless engineer to deduce the con- 
struction of a glockenspiel from a performance of ‘Three Blind Mice’. 


The Swiss mathematician Johann Balmer surmised in 1885 that the best way of 
tackling the problems of spectroscopy was to concentrate first on trying to understand 
the visible spectrum of hydrogen, which is shown in Figure 5. He made an excellent 
start on this problem by finding an interesting numerical pattern among the wave- 
lengths of the visible hydrogen lines, which had deen experimentally determined to 
be 656.210 nm, 486.074 nm, 434.010 nm and 410.12 nm.* Balmer found that these 
wavelengths were given, to extraordinary accuracy, by the expression 


n? 


A= 364.564 2 
n — 


+ nanometres, (1) 


which has come to be known as Balmer’s formula. The number n is a whole number 
(an integer) equal to 3, 4, 5 and 6 for the measured visible lines. 


* nm is an abbreviation for nanometre, 1 nm = 107° m. 


Figure 2 What happens when a parallel 
beam of yellow sodium light is shone on 
to a diffraction grating? (Note that in this 
Figure and in Figure 3, the grating 
spacing is grossly exaggerated.) 


(a) 


(b) 


Figure 3 (a) When the yellow sodium 
light emerges from the grating it does 
not fan outwards: this shows that the 
light does not consist of light of all the 
frequencies in the range 580-600 nm. 

(b) Instead, the light is diffracted only at 
certain, definite angles: this shows that 
the yellow sodium light consists of 
spectral lines i.e. of certain definite 
frequencies. (Note that in this Figure the 
angular separation of the spectral lines 
is grossly exaggerated, and the grating 
spacing is assumed to be such that only 
the first order spectrum will be observed). 


Figure 1 When a chemical 
compound containing sodium is 
burnt in a flame, yellow light is 
usually emitted. (The chemical 
compound here is sodium chloride, 
i.e. common salt.) 


helium 


iron 


Figure 4 The visible atomic spectra of helium, iron and neon. 
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t i t 
| 
| 


Figure5 The four visible spectral lines of atomic hydrogen. 


2.2.3 


2.2.4 


ITQ 1 Show that Balmer’s formula gives to high accuracy the wavelengths 
of the four visible spectral lines of hydrogen—656.210nm, 486.074 nm, 
434.010 nm and 410.12 nm—if n is equal to 3, 4, 5 and 6 respectively. 


Balmer suggested that the integer n in his formula might take values greater than 6 
and that hydrogen might therefore have many other spectral lines that had not then 
been observed. This prediction was later.borne out by experiments in which the 
spectral lines of hydrogen corresponding to n = 7, 8, 9, etc., were indeed detected. 


So here was a puzzle within a puzzle! In addition to the fundamental problem of 
understanding why hydrogen (and the other elements) should emit light of certain, 
definite wavelengths, there was the problem of interpreting Balmer’s mysterious 
formula. What was its physical meaning and significance? 


Perhaps the most important consequence of Balmer’s work on spectroscopy was 
that it helped to focus attention on the need to account for the spectral lines of 
hydrogen before fruitful attempts could be made to interpret the more complicated 
spectra of the other elements. In 1885, Balmer wrote 


‘It appears to me that hydrogen. . . more than any other substance is destined to open 
new paths to the knowledge of the structure of matter and its properties. In this 
respect, the numerical relations among the wavelengths of the first four hydrogen 
spectral lines should attract our attention particularly.’ 


As you'll agree when you've finished this Unit, those were prophetic words. 


Problem 3: understanding X-ray emission 


On Friday 8 November 1895, a discovery was made that was to puzzle physicists and 
to defy complete explanation for almost twenty years. The physicist, Wilhelm 
Röntgen, was experimenting in his laboratory with an evacuated tube in which charged 
particles (later identified as electrons) were accelerated from one electrically charged 
plate to another. He found to his amazement that when these particles impinged on 
the wall of the tube, rays were emitted that caused some nearby crystals to fluoresce. 
Röntgen (Figure 6) made a thorough investigation of the new rays, which he called 
X-rays, and nearly two months elapsed before he submitted his results for publication. 
During that time, he took the first X-ray photographs, one of which showed the bones 
in one of his wife’s hands. 


To see how Röntgen made and substantiated his discovery, and to find out how 
X-ray emission was eventually explained using a model of the atom, you should 
watch TV13 X-rays and energy levels, which is a very important component of this 
Unit. 


Problem 4: understanding radioactivity 


In 1896, the year after Röntgen first observed X-ray emission, yet another remarkable 
discovery was made. Henri Becquerel (Figure 7), an established professor of physics 
working in Paris, noticed that crystals of potassium uranyl sulphate affected a 
photographic plate when they were wrapped together in black paper. Becquerel 
subsequently did a series of experiments in which he proved that it was the uranium 
content of the crystals that was emitting whatever was affecting the photographic 
plate. 


This extraordinary discovery caused quite a stir, since it indicated for the first time 
that not all matter was stable: the potassium uranyl sulphate crystals emitted rays 
spontaneously, so it could be inferred that at least some of its constituent atoms were 
intrinsically unstable. Many investigations were carried out into this phenomenon, 
which was called radioactivity by Pierre and Marie Curie. 


Subsequently, it was found that several other elements were radioactive and that 
there were three different types of radioactive decay, which were labelled q, B and y. 
By 1909, it had been established that the particles emitted in «-decay, «-particles, 
were in fact helium atoms that had ‘lost’ two electrons. Also, it was found that 
B-particles were simply high-energy electrons, and that during y-decay, very high 
energy electromagnetic radiation (y-radiation) was emitted. 


It was one thing to establish the identities of the particles emitted during radioactive 
decays, but it was quite another to find where these particles were coming from. In 
order to investigate this question, a satisfactory model of the atom was needed, as 
you'll be seeing later. 


Figure 6 Wilhelm Röntgen (1845-1923) 
was a shy and unassuming man, and a 
meticulous experimental physicist. He 
made contributions to many fields of 
physics, including electromagnetism, 
thermodynamics and the study of metals. 
However, it was for his discovery of 
X-rays in 1895 that he achieved 
international fame—only three months 
after he had made the discovery, he was 
summoned to the Kaiser’s Court to 
demonstrate the effects of his new rays. 
He was subsequently awarded the 
Prussian Order of the Crown, Second 
Class. In 1901, he was awarded the first 
Nobel prize for physics—he chose not to 
make an acceptance speech, but that was 
no great loss as he was well known to be 
an appalling lecturer. 


Figure 7 Henri Becquerel (1852-1908) 
came from a family of scholars and he 
soon achieved fame in the circles of 
Parisian science as an outstanding optical 
physicist. By 1896, he held three 
professorships of physics, but he had 
almost given up active research. 
However, he was spurred by Réntgen’s 
work to resume his experimental work 
and this led to his discovery of 
radioactivity. He was awarded the 1903 
Nobel Prize in physics, which he shared 
with Pierre and Marie Curie, who had 
done much to clarify his discovery. 


2.2.5 Problem 5: understanding the photoelectric effect 


The last of the problems that I want to describe here was investigated in a series of 
experiments done in 1902 by the German physicist, Phillipp Lenard (Figure 8). He 
was studying the so-called photoelectric effect, in which electrons can be ejected from 
metals that are illuminated by electromagnetic radiation (Figure 9). Lenard found 
that when a beam of radiation ejected electrons from a metal, the ejected electrons 
did not all emerge with the same kinetic energy. This is because some of the electrons 
in a metal are bound more tightly than others. Clearly, the least strongly bound 
electrons will emerge as the ejected electrons with the greatest kinetic energy. 


sX 


Fa > 
iz 


——————$— 


metal 


Figure9 Whenelectromagnetic radiation 
(of sufficiently high frequency) impinges 
on the surface of a metal, electrons are 
ejected. This is known as the photoelectric 
effect. 


That much was fairly easy to understand; problems arose only when it came to 
accounting for the details of Lenard’s observations. He obtained the following two 
results, which you should note carefully since you'll be meeting them again shortly: 


(A) The maximum kinetic energy of- the ejected electrons is independent of the 
intensity of the incident electromagnetic radiation: it depends only on the frequency 
of the radiation. 


(B) Noelectrons are emitted from a metal if the frequency of the incident radiation 
is lower than a critical, threshold frequency f, that is characteristic of the metal. 


Why were these observations so remarkable? Well, think carefully how the photo- 
electric effect might have been viewed by Maxwell, whose wave theory of electro- 
magnetic radiation had been so successful in accounting for the behaviour of light. 
He would have pictured the radiation impinging on the metal as waves, whose energy 
is delivered continuously (Figure 10). The energy transferred by these waves is, by 
definition, determined by their intensity.* However, the amount of energy transferred 
is independent of the frequency of the waves (at fixed intensity). 


* Remember from Units 9 and 10 that the intensity of a wave is defined as the energy that it 
transfers across unit area in unit time. 
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Figure 8 Phillipp Lenard (1862-1947) 
did his most important and influential 
work around the turn of the century, and 
he was awarded the 1905 Nobel Prize in 
physics for his experimental investigations 
into the photoelectric effect. He was 

a jealous and hypersensitive person, and 
these characteristics grew worse with 
age—it seems that he sported an array of 
chips on both shoulders. His patriotism 
and anti-semitism led him to take up the 
cause of Nazism and to nurture a 
loathing of ‘Jewish’ (in particular 
Einsteinian) physics. Nevertheless, his 
painstaking and fruitful work in the 
laboratory marks him as one of this 
century’s most outstanding experimental 
physicists. 


threshold frequency 


Figure 10 According to the classical 
(Maxwellian) wave theory of radiation, 
the energy of the beam of radiation is 
delivered continuously, like the energy 
of water waves. The energy of the beam 
should, according to this theory, be 
expected to depend on its intensity, not 
on its frequency. For this reason, it is 
difficult to use this wave theory to 
understand why the frequency of the 
radiation should determine the maximum 
kinetic energy of the ejected electrons. 


2.3 


3.1 


3.2 


By using these ideas, it is quite reasonable to expect naively that a beam of (high 
frequency) blue light should eject electrons with the same maximum kinetic energy as 
an equally intense beam of (low frequency) red light. But, as I said, Lenard’s experi- 
ments showed that this was not the case: for each metal that he investigated, the 
electrons ejected by a beam of blue light always had a greater maximum kinetic energy 
than that of the ejected electrons released by a beam of red light. And he also found that 
if the frequency of his beam of light was below the threshold frequency f; of the metal, 
then no electrons were ejected, whatever the beam’s intensity! 


Clearly something was wrong somewhere. Maxwell’s wave theory seemed to suggest 
that the energy of radiation should depend crucially on its intensity, whereas Lenard’s 
experiments seemed to show that the energy of radiation depended on its frequency. 
This contradiction was perceived very clearly by Albert Einstein, who in 1905 put 
forward a new theory that enabled Lenard’s observations to be understood. I shall 
describe Einstein’s theory in Section 3. 


Summary of Section 2: five problems awaiting 
solutions 


In this Section, I have outlined five of the many problems that were confounding 
physicists around 1900. As you’ve seen, the physicists’ picture of the structure of 
matter was, at that time, unclear and confused. Why did the atoms that constitute 
matter have diameters of about 10° +° m? Why did some matter emit X-rays when it 
was bombarded by electrons, and why was some matter unstable (i.e. radioactive)? 
Why did elements emit spectral lines (light of certain, definite frequencies)? On each 
of these questions, Newton’s laws were practically silent. And, to make matters worse, 
Maxwell’s celebrated wave theory of electromagnetic radiation appeared to be unable 
to account for Lenard’s data on the photoelectric effect. 


As you'll see in the next Section, it was in the solution to that last, seemingly obscure 
problem that the key to all these difficulties lie—with the idea of the quantum. 


Photons and the photoelectric effect 


Introduction 


In this Section, I shall describe how Einstein accounted for the results of Lenard’s 
experiments on the photoelectric effect and how, in doing this, he provided new 
insights into the very nature of electromagnetic radiation. 


The idea Einstein used to explain Lenard’s observations was that the energy of 
electromagnetic radiation always comes in discrete quanta (photons). In Section 
3.2, I begin by explaining why this idea enabled Lenard’s data to be understood and 
then, in Section 3.3, I go on to describe experiments that subsequently confirmed 
Einstein’s theory. 


Photons and Einstein’s theory of the 
photoelectric effect 


In order to explain Lenard’s observations, Einstein concentrated on the energy 
changes that took place during the photoelectric process. He asserted that, contrary 
to the predictions of Maxwell’s wave theory, the energy of the electromagnetic radiation 
is emitted, absorbed and transmitted in discrete amounts, that is, in quanta. These were 
later called photons. 


He assumed that the energy E of each photon was equal to the product of the fre- 
quency f of the electromagnetic radiation with a quantity that we now call Planck’s 
constant h (= 6.63 x 10°34 Js): 


E=hf (2) 


10 


photon (quantum of electromagnetic 
radiation) 


Planck’s constant 


Planck—Einstein formula 


Id like to pause for a moment to comment on this extremely important equation, 
which I shall call the Planck—Einstein formula.* The quantity h that it contains is a 
fundamental constant of nature that occurs in practically every equation of quantum 
mechanics but never in the equations of classical physics, which is why you have not 
met it so far in this Course. 


The constant h was first introduced in 1900 by the German physicist Max Planck, 
who used it in his quantum theory of the radiation emitted by so-called black-bodies, 
which are objects that absorb all the radiation incident on them (Unit 1). Planck’s 
was the first quantum theory to be formulated, but I have regretfully chosen not to 
discuss it here.+ 


Since the magnitude of Planck’s constant h is only 6.63 x 10° 34 Js, photons of light 
each have only a minuscule amount of energy. For example, a photon of red light, 
which has frequency 4.5 x 10'* Hz, has an energy E of 3.0 x 107 1° J, according to 
equation 2: 


E = (6.63 x 107°4 Js) x (4.5 x 10+ Hz) 
= 3.0 x 10719J. 


When a light is switched on, billions upon billions of photons are emitted. For 
example, an ordinary (10% efficient) 100 W light emits roughly 107° photons of 
visible light in each second! Here is the reason why it took so long to identify the 
quantum nature of light—the beams of radiation that are used in most experiments 
consist of so many photons that it is impossible to monitor the emission and absorp- 
tion of each one, and the radiation’s energy appears to be delivered in a continuous, 
uninterrupted stream. It is only when we examine certain special phenomena that 
we find clear evidence for the discreteness of the radiation’s energy—one such 
phenomenon is the photoelectric effect, to which we must now return. 


Einstein suggested that each photon of the incident radiation’s energy was completely 
absorbed by a single electron in the metal (Figure 11). If it is borne in mind that a 
certain amount of energy must be transferred to an electron just to remove it from 
the metal, it is straightforward to write down an energy equation for the photo- 
electric process: 


energy of the energy required to kinetic energy 
incident photon — remove the electron = of the ejected (3) 
from the metal electron 


You may remember that I said earlier, in Section 2.2.5, that the electrons emitted 
from the metal do not all have the same kinetic energy. The least tightly bound ones 
should emerge as the electrons with the greatest kinetic energy, since they require the 
least energy to remove them from the metal. This least possible energy is usually called 
the work function of the metal, and it is conventionally denoted by the Greek letter ġ. 


You should now be able to see from equation 3 that, according to Einstein’s theory, 
when electromagnetic radiation of frequency f impinges on a metal of work function 
¢, the maximum kinetic energy 4m, v2,,, of the ejected electrons will be given by 


hf — h = 3M, Uinax (4) 


This is known as Einstein’s photoelectric equation, since Einstein derived it using his 
theory of the photoelectric effect. In order to illustrate the value of this theory, let 
me first show that it allows an understanding of Lenard’s two puzzling results, which 
I described in Section 2.2.5. 


* This formula and the concept of the photon each have a complicated and controversial 
genealogy. I do not want to become involved here in the scholarly debate concerning whether 
it was Max Planck or Albert Einstein who first wrote down this formula and, at the same 
time, understood its implications. 


+ I decided not to discuss Planck’s theory here, because I think that it’s difficult at first sight 
to appreciate the importance of quantum ideas from the theory of black-body radiation. In 
my opinion, the ideas are much easier to grasp when they are applied to the photoelectric 
effect. 
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metal 


Figure 11 According to Einstein’s 
quantum theory, the explanation of the 
photoelectric effect is that each electron 
is ejected from the metal by a single 
photon of the incident radiation—the 
energy of the radiation is nor delivered 
continuously, it comes in quanta, each 
of whose energy E is proportional to the 
frequency f of the radiation (E = hf). 


Einstein’s photoelectric equation 


3.3 


Problem5A Why does the maximum kinetic energy of the ejected electrons depend 
on the frequency of the incident radiation and not on its intensity? 


Ejinstein’s solution: The higher the frequency of the radiation, the greater will be 
the energy of its photons (equation 2) and hence the greater will be the maximum 
kinetic energy of the ejected electrons (equation 4). This maximum kinetic energy will 
not be determined by the intensity of the radiation—there is no mention of this 
quantity on the left-hand side of equation 4. 


Problem 5B Why is there a threshold frequency f,, below which no electrons can be 
ejected from the metal? 


Einstein’s solution: For electrons to be ejected, the energy of the incident photons 
must be greater than the energy required to remove the least tightly bound electrons 
(the work function ¢ of the metal). Thus, hf must be greater than ¢. This implies that 
there is a threshold value f, for the frequency of the radiation, below which electrons 
will not be ejected. Clearly, f, = /h. 


Despite these successes, Einstein’s theory was not taken very seriously for the first 
few years after its publication in 1905. The most widely accepted theory of the 
photoelectric effect was due to Phillipp Lenard. His theory was less revolutionary 
than Einstein’s, but it was later shown to be misleading and incorrect, so I shall not 
describe it here. 


Einstein’s photoelectric equation was verified in 1916 in a series of experiments done 
by the American physicist Robert Millikan. These experiments led to the awarding 
of two separate Nobel prizes: one for Millikan himself and another for Albert 
Einstein (Figure 12) who, according to the citation, was awarded the prize principally 
for his theory of the photoelectric effect. There was no explicit reference in the citation 
to his more controversial work on the special and general theories of relativity! 


Now before you move on to the next Section on the experimental verification of 
Einstein’s theory, try SAQs 1 and 2. 


SAQ 1 Which has the greater energy, a photon of red light or a photon of 
blue light? 


SAQ 2 Which has the greater energy, a photon of extremely intense blue 
light emitted from a laser, or a photon of much less intense light of the same 
frequency, emitted from a weak and flickering street lamp? 


Experimental verification of Einstein’s theory of the 
photoelectric effect 


In Figure 13, there is a schematic diagram of apparatus that can be used to study the 
photoelectric effect. As you can see, the circuit consists of an ammeter, a voltmeter, 
batteries and an evacuated tube that contains two plates C and D. These plates are 
made of the same metal, and one of them is illuminated by a beam of electromagnetic 
radiation. 


Consider first what happens when the batteries are replaced by a piece of electrically 
conducting wire, and when radiation is shone on to plate C, ejecting electrons. The 


electromagnetic 
radiation 


ammeter 
evacuated tube 


voltmeter 


|- 
batteries 


Figure 12 Albert Einstein (1879-1955) 
is widely regarded as the greatest 
physicist that the twentieth century has 
seen (so far). Although he did not show 
great promise as a student, by the age of 
27 he had written three of the most 
famous papers in the canon of physics 
literature—they concerned Brownian 
motion, the special theory of relativity 
and, finally, the quantum theory of 
radiation, which was cited explicitly 
when he was awarded the 1921 Nobel 
Prize for physics. In the next ten years, 
he wrote great papers on radiation 
physics and on thermodynamics, and he 
also formulated the general theory of 
relativity. He was less productive in later 
life, but that did nothing to diminish his 
supreme intellectual achievements. 


Figure 13 A circuit diagram of 
apparatus for investigating the 
photoelectric effect. The metal plates 
C and D are contained in an evacuated 
tube and the incident electromagnetic 
radiation impinges on plate C. 


result of this is that the ammeter registers a current flowing in the circuit, since the 
ejected electrons that travel in the direction of plate D will pass through the ammeter, 
round the circuit and back to plate C. 


Now think carefully about the effect of switching on the voltage supply as shown in 
Figure 14a, in which the battery deposits electrons on to the illuminated plate C; 
the voltage of plate D is positive with respect to plate C. Although in this case extra 
electrons are being supplied to the illuminated plate, the same number of electrons 
will be ejected from it (in a given time) since this number depends solely on frequency 
and intensity of the incident radiation, not on the voltage across the plates. This 
means that no matter how positive the voltage of plate D is made with respect to the 
illuminated plate, the current flowing in the circuit will always be the same. This is 
shown on the graph of the current i plotted against the positive voltage V of plate D 
(Figure 14a). 


(a) 


—+ 
if- a} 


current i/pA 


intensity 7 
frequency f= 9 x 10'*Hz 
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Figure 14 (a) When the battery deposits 
electrons on the illuminated plate C, the 
current in the circuit does not vary with 
the (positive) voltage of plate D. This is 
because the rate of flow of electrons 
between C and D (which determines the 
current in the circuit) depends on the 
frequency and intensity of the radiation 
incident on C—not on the voltage across 
the plates. 


(b) When the battery deposits electrons 
on plate D, this plate repels electrons that 
are arriving from plate C. Hence the rate 
of arrival of these electrons decreases and 
consequently the current in the circuit 
falls. 


current i/pA 


voltage / V 


What would happen if the battery were then connected in the opposite way (with the 
voltage of plate D negative with respect to plate C)? This circuit is shown in Figure 
14b, from which you can see that the battery’s electrons would this time be deposited 
on plate D. These electrons would repel the electrons arriving from the illuminated 
plate C, so the number of electrons that will arrive (in a given time) at plate D will 
decrease. Thus, the current flowing in the circuit will fall. 


At a certain voltage, whose magnitude is known as the stopping voltage V,,no electrons 
reach plate D from plate C, because of the strength of the electrostatic force repelling 
them from the plate. According to the law of conservation of energy, this will happen 
when the maximum kinetic energy 4m, v2,,, of the ejected electrons is exactly equal 
to the electrostatic energy eV, of the electrons on plate D: 


2M. Vmax = CV, (5) 
If this expression is substituted into equation 4, hf — ¢ = 4m, v2,,,, we find 
hf —$=eV,, (6)* 


which is simply an alternative form of Einstein’s photoelectric equation. 


* This equation applies to the case being discussed here, in which plates C and D in Figure 13 
are both made of the same metal. If, however, they are made of different metals, it is the work 
function @ of plate D that is measured in the experiment. A clear explanation of this subtle 
point is given in an article by A. James in Physics Education, volume 8, pages 382-4 (1973). 


t 5i 0 
=2 =f 0 
voltage / V 


stopping voltage 


13 


The graphs of Figures 14a and 14b, which show the variation of the current i in the 
cases of positive and negative voltages respectively, can easily be brought together 
to form a graph that shows how the current varies across the whole range of voltage. 
This combined graph is shown in Figure 15. 


intensity. Z 


current (/wA 


frequency f = 9 x 10Hz 


voltage / V 


The existence of the stopping voltage V, proves that the ejected electrons have kinetic 
energies that range up to a definite maximum value (eV,), just as Lenard’s experiments 
had shown. It is important to find out what happens to this maximum value, and to 
the shape of the current-voltage graph of Figure 15, when we vary the intensity and 
frequency of the radiation impinging on the plate C. I shall consider these questions 
one at a time and shall show that the experimentally determined answers are the ones 
predicted by Einstein’s theory. 


Varying the intensity In what way does the current-voltage graph of Figure 15 
change when the intensity of the incident radiation is varied (while keeping its 
frequency constant)? The results of such an experiment are shown in Figure 16. 
Notice that as the intensity is increased, the current (at a fixed voltage) increases 
proportionately: if the intensity is doubled, then the current (at a fixed voltage) is also 


current i/pA 


intensity 37 


intensity 27 


intensity J 
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Figure 15 The variation of the current 
in the circuit shown in Figure 13 with 
the voltage of plate D. This Figure is a 
combination of Figures 14a and 14b. 


Figure 16 The effect on the current- 
voltage graph of Figure 15 of doubling 
and of tripling the intensity J of the 
radiation incident on plate C (Figure 13). 


doubled. Figure 17 is a graph of the current plotted against the intensity, at the fixed 
voltage of +1.5 V: you should check for yourself that the points plotted on this 
graph have been taken correctly from the graph of Figure 16. 


5 


current i/wA 


0 1 2 3 
intensity Z 


It is quite easy to explain why the increase in current is proportional to the increase 
in intensity: as the intensity of the incident radiation is increased, more photons are 
absorbed by the metal in a given time and, therefore, proportionately more electrons 
will be ejected. Furthermore, the maximum kinetic energy of these ejected electrons 
will not be changed merely by altering the number of photons bombarding the metal 
in a given time. This is why the stopping voltage V, is the same for all intensities of the 
incident radiation, just as Einstein’s theory predicts in equation 6. 


So much for the effect of varying the intensity of the incident radiation. What happens 
when its frequency is altered? 


Varying the frequency When the frequency of the electromagnetic radiation 
incident on plate C is varied (keeping the intensity constant), the current-voltage 
graph changes in the way shown in Figure 18. The most important point to note 
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Figure 17 The variation of the current 
flowing in the circuit shown in Figure 13 
with the intensity of the radiation 
incident on plate C, when the voltage 
difference between plate D and plate C is 
+1.5 V. You should check for yourself 
that the data plotted on this Figure have 
been taken correctly from Figure 16. 


current i/pA 
2 


} intensity / 


; { 
= -5 —4 => =2 = 
voltage / V 


from this Figure is that when the frequency is increased, the stopping voltage also 
increases. This is another prediction of Einstein’s theory: when the frequency of the 
incident radiation is increased, the energy of the incident photons also increases 
(equation 2), the maximum kinetic energy of the ejected electrons increases (equation 
4) and, therefore, the required stopping voltage also increases (equation 5). In fact, 
Einstein’s photoelectric equation gives a clear prediction of the relationship between 
the stopping voltage V, and the frequency f of the incident radiation: 


eV, = hf — ¢. (eq. 6) 
Hence, 
Tee 1) 
e e 


Figure 18 The effect on the current- 
voltage graph of Figure 15 of increasing 
the frequency f of the radiation incident 
on plate C (Figure 13). 
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Equation 7 has the same form as y = mx + c, which is the equation for a straight line 
of gradient m and intercept +c (on the y-axis). In equation 7, y is V,, x is f, the slope 
m is h/e and the intercept c = — ġ/e. 


To see whether the data confirm this prediction, have a look at Figure 19, which 
shows the variation of V, with f. The points on this graph were taken from the graph 
of Figure 18—you should check for yourself that this has been done correctly. As 
you can see, the points plotted on the graph of Figure 19 do indeed lie on a straight 
line and, moreover, the line has a negative intercept, just as Einstein’s theory predicts 
in equation 7. 
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ITQ 2 Use the graph shown in Figure 19 to find (a) the value of Planck’s 
constant; and (b) the work function of the metal under investigation. 


When the stopping voltage is plotted against frequency for different metals, it turns 
out that the graphs are all straight lines. As you should expect from equation 7, each 
line has the same slope, h/e and each has an intercept — ġ/e that is characteristic of 
the metal under investigation. 


In 1914, Robert Millikan used this method to analyse the data from his experiments 
on the photoelectric effect. He found that Planck’s constant h = (6.56 + 0.03) x 
107°4 Js, a value that was in good agreement with ones obtained from analyses of 
black-body radiation spectra. This success strongly supported the validity of Ein- 
stein’s theory. Yet there was still more confirmatory evidence to come from later 
experiments, the results of which gave further credence to the photon theory of 
electromagnetic radiation. In these experiments, the time was measured between the 
moment that radiation impinged on metals, and the moment that electrons were first 
ejected from them. It turned out that the electrons were emitted more or less at the 
very instant the metal was illuminated: the upper limit to the time delay was measured 
to be approximately 107° s. This experimental result was easily understood using 
Einstein’s theory, since it was reasonable to expect that the electrons in a metal are 
ejected the moment they are struck by individual photons. Yet a simple wave theory 
of light predicted that it should have taken about a minute before an amount of 
energy sufficient to release electrons had been transferred to the atoms in the metal! 
If you want to do a rough calculation to satisfy yourself that a simple wave theory 
of radiation predicts this long time delay, then try ITQ3. If, however, you are pre- 
pared to take the results on trust, then-just skip the ITQ and read straight on. 


ITQ 3 A source of light emits, at a rate of 8 W, electromagnetic radiation 
whose frequency is high enough to eject electrons from a piece of potassium 
that is 1 m away. 


Figure 19 The variation of the stopping 
voltage V, with the frequency f of the 
radiation incident on plate C. The data 
on this Figure are taken from the graph 
shown in Figure 18—you should check 
for yourself that this has been done 
correctly. 


3.4 


4.1 


(a) Assuming that the radiation is emitted with equal strength in all directions 
and that the wave theory of light is correct, show that approximately 
5 x 107°! Jofenergy will, in each second, be incident on an atom at the surface 
of the metal. (Take the ‘radius’ of a potassium atom to be 0.5 x 10° 1° m.) 


(b) The work function of potassium is 3.4 x 10719 J. Assuming that a 
potassium atom absorbs all of the energy incident on it, calculate 
approximately the time that would lapse between the instant that the waves 
of light impinge on the metal and the instant that the first electron is ejected. 


(c) Compare your answer to part (b), based on the wave theory of light, with 
the experimentally measured upper limit of the time lag, which is approxi- 
mately 10° ° s. What do you conclude? 


Summary of Section 3: a quantum understanding of 
the photoelectric effect 


In this Section, I have described Einstein’s theory of the photoelectric effect. Accord- 
ing to this revolutionary theory, the energy of electromagnetic radiation comes in 
quanta (photons), and when a beam of this radiation ejects electrons from a metal, 
the maximum kinetic energy of the electrons is given by the equation 


hf = $ = am, Saas (eq. 4) 


where ¢ is the work function of the metal (i.e. the least amount of energy required to 
remove an electron from it.) Experiments have verified each prediction of Einstein’s 
theory (equation 4). First, the maximum kinetic energy of the ejected electrons depends 
on the frequency but not on the intensity of the incident radiation. Secondly, there is 
a threshold frequency f, = ġ/h below which radiation (of any intensity) does not 
eject electrons from the metal. And finally, electrons are emitted more or less at the 
instant that a metal is illuminated with radiation (of sufficiently high frequency). 


SAQ 3 When barium plates are used in the evacuated tube shown in the 
circuit in Figure 13, it is found that, when the batteries are replaced by a piece 
of electrically conducting wire, the minimum frequency of the radiation that 
enables electrons to be ejected is 6.1 x 10'*Hz. (a) Calculate the work 
function of barium. (b) Calculate the stopping voltage required to prevent 
the arrival of electrons at plate D, if the frequency of the incident radiation is 
9.1 x 10'* Hz. 


SAQ 4 Refer to Figure 15. (a) What is the stopping voltage in this case? 
(I suggest that you check your answer is correct before you move on.) 
(b) What would be the stopping voltage required if the intensity of the incident 
radiation were reduced to J/2 and the frequency of the incident radiation were 
held constant at 9 x 10'*Hz? (c) What would be the stopping voltage 
required if the intensity of the incident radiation were I, and the frequency of 
the incident radiation were decreased to 8 x 10!4 Hz? 


Crude models of the atom 


Introduction 


You saw in the last Section that the quantum theory of electromagnetic radiation 
solved the problem of understanding the photoelectric effect. While some physicists 
were working on this problem, many others were trying to understand the results 
of other experiments, such as the ones on spectroscopy, X-ray emission and radio- 
active decay. To make a start on solving those problems, many believed that a theory 
of atomic structure was needed. They believed that after a good, predictive model of 
the atom had been formulated, these apparently diverse and complicated phenomena 
might readily be understood. 


The problem of finding a respectable model of the atom was widely recognized to be 
an important one. Scientists in Japan, France and Germany had put forward notable 
atomic models, but it was two physicists working in England—J. J. Thomson and 
Ernest Rutherford—whose work in the field is now recognized to have been the most 
important. In this Section, I shall begin by describing J. J. Thomson’s model before 
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4.2 


4.2.1 


going on to say why Ernest Rutherford saw fit to formulate an entirely different model 
on the basis of just one piece of experimental evidence. I shall briefly compare the 
successes and failures of the two models, and shall prepare the ground for Section 5, 
in which you'll see how Niels Bohr used one of these two models to form the basis of 
the first successful quantum model of the atom. 


J. J. Thomson’s ‘plum-pudding’ model of the atom 


J. J. Thomson’s model 


It was once believed that the substances we see around us were ultimately made of 
huge numbers of tiny, indivisible lumps of matter, which were called atoms. But the 
idea that atoms had no structure was undermined in 1897 when the existence of light, 
negatively charged particles (electrons) was conclusively proved by J. J. Thomson, a 
professor of physics at Cambridge University (Figure 20). As you know, experiments 
on the photoelectric effect showed that these charged particles could be ejected when 
electromagnetic radiation (of sufficiently high frequency) was shone on the surfaces 
of metals: this showed that metals (and possibly all matter) contained electrons. But 
since it was known that matter was usually electrically neutral, it was reasonable to 
infer that atoms contained, in addition to negatively charged electrons, something 
with an equal and opposite positive charge. 


In 1903, J. J. Thomson used these simple ideas to formulate his so-called ‘plum- 
pudding’ model of the atom. He suggested that atoms consisted of electrons contained 
inside a uniform sphere of positive charge, whose total charge was exactly balanced 
by the sum of the negative charges of the electrons. Thomson suggested that, in most 
atoms, the constituent electrons move in concentric, circular orbits (Figure 21), 
although in some atoms the motion of the electrons is stable only if one or more of 
them is situated at the centre of the atom.* 


This formulation begs two major questions, the first of which may already have 
occurred to you—what is the nature of this mysterious, positively charged sphere? 
The most that could be said about it was that it should be expected that the diameter 
of the sphere would be roughly the diameter of the atom, about 107 +° m. But no one 
knew from where it derived its positive charge—J. J. Thomson himself seems to have 
hoped that this would eventually be explained by some mechanism that was, for 
some reason, unknown. 


The second major problem with the model is not quite as obvious, yet it was much 
more serious. Thomson assumed that the electrons in the sphere obeyed Newton’s 
laws and Maxwell’s equations—the same classical laws that were known to describe 
matter on the large scale. 


* Thomson later developed subtly different versions of this model and this has led to some 
disagreement in the scientific literature about the true identity of the ‘plum-pudding’ model. 
In this Course, we shall take this model to be the one he formulated in the Philosophical 
Magazine, volume 7, pp. 237-65 (1904). 
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Figure 20 J. J. Thomson (1856-1940) 
was one of the last great classical 
physicists. After a distinguished 
undergraduate career at Trinity College, 
Cambridge, he did important work on 
electromagnetism, in which he developed 
some of Maxwell’s ideas. Although he 
was not a dextrous physicist, he did 

some outstanding experimental work— 
the discovery of the electron and the 
determination of its charge to mass ratio 
were perhaps his most famous 
achievements, and it was partly for these 
achievements that he was awarded the 
1906 Nobel Prize in physics. He was well 
known to be a fine teacher, and he had 
many talented students, one of whom was 
Ernest Rutherford, who succeeded him to 
the Cavendish chair of physics at 
Cambridge in 1919. 


Thomson’s ‘plum-pudding’ model of 
the atom 


Figure 21 J. J. Thomson’s 
“‘plum-pudding’ model of the atom, in 
which electrons are contained inside a 
uniform sphere of positive charge. 


Can you see why a problem arose when Maxwell’s equations were applied to 


electrons moving inside a Thomson atom? (What do these equations predict 
in general about accelerating charged particles?) 


Since the electrons in the sphere were confined, a net force must have been 
acting on them and, therefore, according to Newton’s second law, they must 
have been accelerating. A problem arose because Maxwell’s equations 
predicted that accelerating charged particles always continuously emit 
electromagnetic radiation (Unit 8). Proponents of this model therefore 
expected that atoms that contained moving electrons should be unstable, 
since they expected that the kinetic energy of the electrons should gradually 
but inevitably be converted into the energy of the emitted radiation. 


This was certainly a very serious problem for the model! But interestingly enough, 
Thomson was able to show mathematically, using Newton’s laws and Maxwell’s 
equations, that a given atom would be almost stable if its constituent electrons moved 
in certain prescribed orbits inside the positively charged sphere. His calculations 
showed that some atoms would be stable for thousands of years! 


But there was no getting away from the fact that according to the model, most 
elements should be unstable since atoms that contained moving electrons were 
doomed to collapse, sooner or later. This expectation was of course, not borne out 
by observation: some rocks and fossils on Earth had been present for thousands of 
millions of years, whereas Thomson predicted that they should have collapsed long 
before his time. 


It may seem to you that since this plum-pudding model had so many grave short- 
comings, it should not have been accorded serious consideration. But the model was 
taken seriously, and it was used to make some important and productive investiga- 
tions into atomic phenomena. Once a communal blind eye had been turned to its 
failings, the model could be used to do explicit calculations on atomic structure. 
For example, J. J. Thomson himself tried to shed light on the chemical differences 
between the elements by doing many long and complicated calculations to find the 
most stable orbits of electrons in different atoms. Nowadays, his ideas look somewhat 
bizarre, but nevertheless it is true that the model enabled successful investigations 
to be made into the problem of understanding the Periodic Table of chemical 
elements. Thomson argued (correctly, as it turned out) that the clearly recognizable 
patterns among the chemical properties of certain Groups of elements in the Periodic 
Table reflected underlying similarities in the atomic structures of these elements. 


By 1909, J. J. Thomson’s model had become established as a working hypothesis of 
atomic structure. But in that same year, a single piece of new experimental evidence 
led Ernest Rutherford to question the validity of the model. 


4.2.2 a-scattering—a major problem for Thomson's model 


The experiment that caused serious trouble for the plum-pudding model—at least 
in Rutherford’s eyes—was, in fact, suggested by Rutherford himself. He advised his 
student, Ernest Marsden, to try to find out whether the high-energy «-particles from 
a radioactive source* were directly reflected from metals. This was a surprising 
suggestion for Rutherford to make, since he and most other scientists at the time 
would probably have been willing to wager large sums of money that Marsden would 
find that essentially no high energy a-particles would be reflected—that was the 
prediction of J. J. Thomson’s model. 


Why did this model predict that practically no -particles would be reflected? To 
answer this, think how the Thomson model can be used to visualize the scattering of 
a-particles by a target of, say, gold (Figure 22). When the positively charged a- 
particles reach the surface of the gold, they encounter, according to the model, a vast 
array of atomic plum-puddings—tiny, positively charged spheres containing 
electrons. 


* Rutherford had a certain proprietary interest in «-particles: he had discovered them, 
named them, been the first to measure their charge-to-mass ratio and been the first to 
identify them correctly as helium atoms that had lost both of their constituent electrons. 
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a-scattering experiments 


———re 
a-particle 


Figure 22 According to J. J. Thomson’s 
model, when a high-energy «-particle 
reached the target of gold foil, it 
encountered a vast array of tiny spheres 
of positive charge that each contained 
electrons. 
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The positively charged -particles should be subject to a Coulomb force of repulsion 
from the positive charge, and to a Coulomb force of attraction to the negatively 
charged electrons in the sphere. Since each -particle is moving so rapidly (with a 
speed of up to about 2 x 10’ m s7 +), it should spend only a very short time in the 
vicinity of an atom of gold, and would be deflected by only a very small amount. 
Calculations showed that each Thomson atom of gold should deflect an «-particle 
moving at 2 x 10’ms_! by, on average, 6 x 107° degrees. 


When the «-particle impinged on a piece of gold foil 1076 m thick, it would have 
been expected to be deflected by more than one Thomson atom—it should have 
encountered about ten thousand of them in traversing the metal. The most important 
point to note here, however, is that the deflections of the a-particle were expected 
to be essentially random. After the a-particle has been deflected one way, it might, on 
its next encounter, be deflected further in the same direction (Figure 23a) or, alterna- 
tively, it may be deflected back to its original course (Figure 23b). When calculating 
the average deflection of the a-particle, it was therefore necessary to work out the 


most likely result of this multiple-scattering process (Figure 23c). 


When the statistical theory of multiple scattering was applied under the assumption 
that the gold foil was made of Thomson atoms, it turned out that the average deflec- 
tion to be expected was about 0.6 degree. According to this theory, practically all of 
the -particles fired at the target should emerge having hardly deviated at all from 
their original paths. Moreover, the theory predicted that if the target of gold foil were 
made of Thomson atoms, only 1 in 105 (yes, 10°5) of the incident «-particles should 
be reflected, that is, scattered backwards. 


Ernest Marsden subsequently performed this experiment with a more experienced 
colleague, Hans Geiger (who was later to be famous for his counter). Figure 24 is a 
schematic diagram of the apparatus that they used. A specimen of the radioactive 
element radon provided the source of high-energy a-particles, which were directed 
towards a target of metal foil. The deflected «-particles were detected by monitoring 
the flashes of light that were emitted when they struck the zinc sulphide screen. In 
order to find the relative number of «-particles that were deflected at different angles, 
Geiger and Marsden measured the rate at which flashes occurred in different areas 
of the screen. To do that extremely laborious job, the two experimenters had to spend 
hours in their darkened laboratory, peering down a microscope focused on the screen. 
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But fortunately, all this effort was rewarded, since Geiger and Marsden found that 
the predictions based on Thomson’s model were entirely incorrect. They established 
that one -particle in 10* was reflected from a target of gold foil: 103! times as many 
particles as had been expected on the basis of the ‘plum-pudding’ model! 


Ernest Rutherford’s reaction to this extraordinary result is well captured by his oft- 
quoted remark: 


‘It was quite the most incredible event that has ever happened to me in my life. It was 
almost as if you fired a fifteen inch shell at a piece of tissue paper and it came back and 
hit you.’ 


You might expect that when the atomic physicists in 1910 were confronted with 
Geiger and Marsden’s «-scattering data, they immediately downed tools, tore up 
their work on Thomson’s model and sat down assiduously to formulate a better 
model of the atom. But that did not happen. Many physicists paid little attention to 
Geiger and Marsden’s data and continued to work on Thomson’s model, almost as 
if the data did not exist! Perhaps the proponents of the model reasoned that it would 
be foolish to abandon their partly successful model in the face of its failure to account 
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Figure 23 Acdording to ideas based on 
J. J. Thomson’s model of the atom, after 
the a-particle has been deflected, it 
might (a) be deflected further in the 
same direction, or (b) be deflected back 
to its original course. When we calculate 
the average deflection of the «-particle, 
we need to find the most likely result of 
the multiple scattering process, and such 
calculations show the deflection is likely 
to be very small, for example (c). 


Figure 24 A schematic diagram of 
Geiger and Marsden’s apparatus—the 
a-particles emerge from the radioactive 
source S and they impinge on the target 
of gold foil. Would they be scattered 
backwards? (In order to make this 
diagram as clear as possible, only part of 
the screen has been shown, although 
Geiger and Marsden were actually able 
to detect -particles that were reflected 
from the target.) 


4.3 


for the outcome of a single experiment. On the other hand, perhaps it was argued 
that the model was missing a single ingredient that, once incorporated, would allow 
the a-scattering data to be understood? Or perhaps there was something wrong with 
Geiger and Marsden’s experiment ?* 


But for Ernest Rutherford (Figure 25), the experiment had sounded the model’s 
death knell, and he was motivated to find a new model that could explain Geiger and 
Marsden’s data. Before you move on to find out about this model, turn to Table 1 
‘Understanding atomic structure’, which is on the fold-out page at the end of the 
Text. In this Table, I have listed the four problems (1-4) of Section 2 whose solutions 
have not yet been presented, together with the problem of accounting for the a- 
scattering data, which arose in the course of investigations into atomic structure. As 
you can see in the first column of the Table, I have noted whether the ‘plum-pudding’ 
model enabled any insight to be gained into the listed problems. Later on, you'll be 
making your own entries for the models of Rutherford and Bohr. 


Rutherford’s model of the atom and his theory of 
a-scattering 


‘I think I can devise an atom much superior to J. J’s. . . It will account for the reflected 
alpha particles observed by Geiger, and, generally, I think will make a fine working 
hypothesis. Altogether, I am confident that we are going to get more information 
from scattering about the nature of the atom than from any other method of attack.’ 


from Ernest Rutherford’s letter to the chemist 
B. B. Boltwood, dated 14 December, 1910. 


In March 1911, Rutherford proposed a new model of the atom, radically different 
from Thomson’s, that could explain the results of Geiger and Marsden’s a-scattering 
experiment. Rutherford suggested that atoms consisted of an electrically charged 
central core (the nucleus), which was orbited by oppositely charged particles (later 
identified as electrons) (Figure 26). Furthermore, he asserted that it was completely 
incorrect to attribute the large-angle scattering of «-particles in Geiger and Marsden’s 
experiment to multiple scattering of the particles by Thomson atoms. Instead, he 
suggested that each of these scattered a-particles had been involved in only one 
major collision, when it was deflected by the electrostatic force due to the charge 
concentrated in the tiny nucleus of a gold atom. 


Rutherford showed that if he made certain, very reasonable assumptions about such 
collisions and if Geiger and Marsden’s data were correct, then the magnitude of the 
charge of the gold nucleus was approximately one hundred times that of the electron. 
I shall not show here how he was able to do this, but I shall briefly discuss the assump- 
tions that he made in formulating his theory of a-scattering. 


First, he assumed that the laws of classical (Newtonian) mechanics could be used to 
describe the scattering process. You can check for yourself that this was a valid 
assumption by doing ITQ 4. 


ITQ 4 Show that, since the maximum speed of Geiger and Marsden’s 
a-particles was about 2 x 10’ms_', it was not necessary to use the special 
theory of relativity when analysing their experiment. 


* This caveat is not as cowardly as it may sound—there are many instances in the history of 
science where proponents of a model have correctly suggested that because the results of an 
experiment were not in accord with their model, the experiment itself was at fault. 
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Figure 25 Ernest Rutherford 
(1871-1937) was brought up in New 
Zealand and came to England in 1895 
with a scholarship that had been 
established with some profits of the 1851 
Exhibition in London. He worked with 
J. J. Thomson, who soon recognized his 
extraordinary ability. Later, at McGill 
University in Canada, Rutherford did 
much important work on radioactivity, 
for which he was awarded the Nobel 
Prize for chemistry in 1908. Yet his best 
work had still to be done—in 1911, he 
formulated his ‘nuclear’ model of the 
atom, which has since formed the basis of 
all atomic models. Rutherford was an 
extremely hard-working, competitive 
scientist who was gifted with great 
qualities of leadership, enterprise and 
spirit. He ended his career as professor 
of physics at the Cavendish Laboratory at 
Cambridge, a public figure and 
recognized to be probably the greatest 
experimental physicist since Faraday. 


Figure 26 Rutherford’s model of the 
atom, in which negatively charged 
electrons orbit a tiny, positively charged 
nucleus. 


Rutherford assumed that the gold nucleus remained stationary during the envisaged 
collision,* and also that the net force on the «-particle was due exclusively to the 
charged nucleus (that is, the net electrostatic force on the «-particle due to all the 
electrons in the atom is zero). He then used Coulomb’s law to calculate the electro- 
static force F on the -particle due to the nucleus, both of which he assumed were 
point-like (Figure 27). Coulomb’s law (Unit 6) states that 


ee 2) 8) 
Teo r° \r 


2 


where (r/r) is a unit vector, i.e. a vector of unit magnitude that points in the direction 
of r, the vector that points from the gold nucleus to the «-particle. 


Rutherford used equation 8 and the laws of classical (Newtonian) mechanics to 
calculate the angle through which an «-particle (of any energy) is expected to be 
scattered by any given nucleus. It turned out that this angle of scattering depended 
on three factors. 


Have a look at Figure 27 and try to decide what these three factors might be. 
(For example, would you expect the density, charge or shape of the target 
nucleus to be important?) 


One important factor is the charge of the target nucleus, as you may have expected. 
The greater this charge, the stronger will be the electrostatic force F that repels the 
a-particle (at a fixed position), according to Coulomb’s law (equation 8). 


Another factor that determines the scattering of the a-particle is the energy at which 
it is fired at the atom. It is intuitively reasonable that the higher the energy of the beam 
of a-particles, the greater the number that would pass by the nucleus relatively 
unperturbed. 


Finally, the extent to which an incident -particle is aimed directly at the target 
nucleus is of great importance. To see this, have a look at Figure 28, from which it 
should be clear that the further an incoming «-particle is from being directly in line 
with the nucleus, the weaker will be the strength of the electrostatic force that repels it. 
(Remember, F œc r`? according to Coulomb’s law.) The distance of the a-particle 
from the ‘line of direct aim’ just before it enters the atom is called the impact parameter 
b, and this quantity is shown for each collision illustrated in Figure 28. 


The five drawings in Figure 28 show the predictions of Rutherford’s scattering theory 
for the paths (trajectories) of «-particles that have the same initial kinetic energy, but 
different impact parameters. The main point to note here is that as the impact 
parameter of the -particle decreases, the angle by which it is scattered increases. 


When the incident «-particle is heading straight for the target nucleus (b = 0), 
the so-called distance of closest approach, labelled rą on Figure 28e, can easily be 
calculated. To do this, think about the energy of the -particle as it approaches the 
target nucleus: its kinetic energy is gradually converted into electrostatic potential 
energy, and it gradually slows down. Indeed, it stops momentarily when it is at its 
closest to the nucleus, and then it moves back along its original track as its electrostatic 
potential energy is converted back into kinetic energy. By using these ideas and the 


* We now know that this was a very reasonable assumption because the mass of the a- 
particle has been measured to be only about one fiftieth of that of the gold nucleus. Ruther- 
ford could not have known this, since the mass of the nucleus had not been measured at that 
time. 
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Figure 27 According to Rutherford’s 
scattering theory, the point-like -particle 
is scattered by the Coulomb electrostatic 
force of the point-like atomic nucleus. 
When the «-particle has position r, 
relative to the nucleus, an electrostatic 
force F acts upon it. 


impact parameter 


distance of closest approach 


$271 UNIT 13 


impact 
parameter 


(d) (e) | Tet | 
principle of conservation of energy, it is a straightforward matter to find rą. You Figure 28 According to Rutherford’s 
should now check this for yourself by doing ITQ 5. scattering theory, the smaller the impact 
parameter b of the incident a-particle, the 
ITQ 5 (a) When the a-particle is very far from the nucleus (r ~ 00) its greater the angle through which it is 
speed is, say, v. If the mass of the a-particle is m,, what is its kinetic energy? ee. When the a-particle 5 aimed 
directly at the nucleus (b = 0), it is 
(b) Write down the formula for the electrostatic potential energy E, of the turned back in its track when they are 
a-particle, whose charge is say q, when it is separated by distance r from a separated by distance r., the so-called 
nucleus of charge Q. (Assume E,,= 0 when r = œ.) ‘distance of closest approach’. 


(c) Show that, if the nucleus remains stationary during the collision, the 
distance of closest approach r,, of the «-particle is given by: 


qQ 


= 2 
2regom, v 


(9) 


Fol 


(d) Calculate r,, for an a-particle that is fired at a speed of 107 m s~! directly 
towards a nucleus of gold, whose charge is +1.3 x 10-1? C-(e> SI 
10-1? C? kg™! m™°? s?; q = 3.2 x 10°19 C; m, = 6.7 x 10°77 kg). 


(e) Compare your results with the approximate diameter of the atom (an 
estimate of which you should be able to give from memory). 
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4.4 


I have spent some time outlining Rutherford’s theory of «-scattering. By now, it 
should be clear that this theory could easily explain why Geiger and Marsden found 
that some a-particles were scattered backwards from their target: those -particles 
were the ones that happened to have sufficiently small impact parameters that they 
were turned back in their tracks by their electrostatic repulsion from gold nuclei 
(Figures 28d and e). 


This qualitative agreement between the theory and the data was certainly satisfying, 
but it was the ability of the theory to make predictions about the a-scattering from 
any target that made it so attractive. Geiger and Marsden (in 1913) and Chadwick 
(in 1920) subsequently performed «-scattering experiments with targets other than 
gold foil, and they found that their data splendidly confirmed the predictions of 
Rutherford’s scattering theory. 


So much for all the successes of Rutherford’s model—now I come to describe its 
failings. First and foremost, the atom of this model was pathologically unstable: 
according to the model, the negatively charged electrons should cascade into the 
positively charged nucleus, continuously emitting a stream of electromagnetic 
radiation! Secondly, the model did not allow any understanding whatsoever of the 
Periodic Table of chemical elements. Finally, Rutherford’s model failed to allow any 
fundamental understanding of why the radius of the atom should be approximately 
107 +° m (as experiment showed) rather than, say, 107° m. 


In view of the profound shortcomings of Rutherford’s model, it is hardly surprising 
that some physicists continued to work with Thomson’s model, even despite their 
embarrassment about the results of Geiger and Marsden’s experiment. After all, 
Thomson’s model could be used successfully to investigate the structure of the - 
Periodic Table of chemical elements, and these investigations were beyond the scope 
of Rutherford’s model. However, the days of Thomson’s model were numbered: the 
superiority of Rutherford’s model was firmly established in 1913 when Niels Bohr 
used a new model based on Rutherford’s to solve many problems that had been 
insoluble during the Thomson—Rutherford era. 


Summary of Section 4: first insights into atomic 
structure 


In this Section, which is advisedly called ‘Crude models of the atom’, I have described 
the models of J. J. Thomson and Ernest Rutherford, and I have tried to show how the 
models fared when their predictions were compared with experiment. Although I 
have given some of the historical background to the story, it is the physics of the two 
models that I really want you to understand and to remember. These are the main 
points of the Section. 


1 According to J. J. Thomson’s ‘plum-pudding’ model, the neutral atom consists of 
a number of (negatively charged) electrons inside a uniform sphere of positive charge 
(Figure 21). This model has many shortcomings, notably its instability, but it did 
enable some insight to be gained into other problems, such as that of understanding 
the structure of the Periodic Table of chemical elements. 


2 Geiger and Marsden showed that a significant number of high-energy a-particles 
were reflected from gold foil, contrary to expectations based on Thomson’s model. 


3 Ernest Rutherford subsequently formulated a model that could be used to 
understand the offending a-scattering data (Figure 26). According to this model, the 
atom consisted of a positively charged core surrounded by a number of (negatively 
charged) electrons: an «-particle would be scattered at large angles by the electrical 
charge of the nucleus, if its impact parameter were sufficiently small. The model was, 
however, not completely successful since it erroneously predicted that all matter 
should be unstable and since it could not be used to study the structure of the Periodic 
Table of chemical elements. 


4 Neither Thomson’s nor Rutherford’s model enabled a proper understanding of 
why the radii of atoms were approximately 10~!°m, why all elements emitted 
spectral lines, why certain elements could emit X-rays and why only a few elements 
seemed to be unstable (radioactive). 


SAQ 5 Turn to Table 1 ‘Understanding atomic structure’, which is printed 


on the fold-out page, and note in the column headed ‘Rutherford’s model’ 
whether the model enabled the stated problems to be solved. 
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5.1 


5.2 


SAQ 6 When an o-particle is fired at a speed of 10’ ms! directly towards 
a tin nucleus, whose charge is 8 x 10° +8 C, its distance of closest approach is 
6.8 x 10° '* m. Use this information and equation 9 to calculate the distance 
of closest approach of : 


(a) an a-particle with speed 2 x 10’ m s`! fired directly towards the same 
tin nucleus; 


(b) ana-particle with speed 10’ ms“! fired directly towards a nucleus whose 
charge is double that of the tin nucleus; 


(c) ana-particle with speed 10’ ms“! fired directly towards a nucleus whose 
charge is the same as that of the tin nucleus but whose mass is 2 per cent 
greater. 


SAQ 7 Imagine you were a guest at a certain Knightsbridge soirée, held 
during the winter of 1911. The guests are all physicists and, like most pro- 
fessionals, their conversations mostly concern their inadequate salaries and 
promotion prospects. But a few of them do want to talk about physics: among 
them are two gentlemen who have strong views on the merits of the current 
atomic models. The first, a Mr Smith from Cambridge, is a passionate advocate 
of J. J. Thomson’s model and he happens to have never heard of Rutherford’s 
new model. The second, a Mr Jones from Manchester, is enthusiastically in 
favour of Rutherford’s model and is generally scathing about the rival model. 
To relieve your boredom, you decide to be awkward by challenging the views 
of both men. 


(a) Give to Mr Smith, the advocate of Thomson’s model, one reason why 
you think his favourite model is intrinsically unsatisfactory and one piece of 
experimental evidence that his model cannot possibly explain but that is 
explained by Rutherford’s new model. 


(b) Give to Mr Jones, the advocate of Rutherford’s model, one reason why 
you think his favourite model is intrinsically unsatisfactory and one piece of 
experimental evidence that cannot be understood by his model but that can 
successfully be investigated by using Thomson’s model. 


(c) Messrs Smith and Jones are both offended and angered by your incisive 
attacks on their prejudices. To placate them, you decide to show that really you 
are equally sceptical of both models: cite at least two pieces of experimental 
evidence that cannot be explained by either model. 


Bohr’s quantum model of the hydrogen 
atom 


Introduction 


As you saw in the last Section, atomic physics was in a rather sorry state by 1912. 
Although physicists could use Rutherford’s or Thomson’s model of the atom, it was 
clear that both models were seriously flawed and that neither of them provided a 
solution to the problem of understanding the structure of matter. 


However, in 1913, Niels Bohr (Figure 29) opened up new vistas for atomic research 
by formulating a new and extremely powerful model of the lightest (and simplest) 
atom of all—the hydrogen atom. In Sections 5.2 and 5.3, I describe Bohr’s model and 
I use it to derive a simple formula for the radius of the hydrogen atom and to derive 
Balmer’s formula for the wavelengths of some of the spectral lines of hydrogen. I 
then show, in Section 5.4, that Bohr was able successfully to predict the wavelengths 
of new spectral lines of the hydrogen atom. Later, in Section 6, I’ll be describing how 
Bohr’s model of the hydrogen atom was extended to heavier atoms. 


Bohr’s model of the hydrogen atom: the four 
postulates 


The model formulated by Bohr looks at first sight very similar to Rutherford’s since 
in both of them the hydrogen atom was supposed to consist of an electron orbiting a 
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Figure 29 Niels Bohr (1885-1962) was 
one of the century’s greatest scholars of 
physics. He first made his name by 
formulating a quantum theory of the 
atom for which he was awarded the 
Nobel Prize for physics in 1922. As 
quantum theory developed, he became 
one of its leading exponents and critics, 
and he passionately defended it against 
the onslaughts of Einstein. Later in his 
life, he did extremely important work on 
nuclear physics and he cultivated his 
interests in other subjects, notably 
philosophy and biology. Bohr is now 
remembered as a brilliant physicist, as 
an outstanding debater and as a 
profound, humane and eclectic thinker. 


25 


nucleus (Figure 30). Bohr’s innovation was to make some specific assumptions about 
the motion of the orbiting electron, and this made possible new insights into the 
properties of hydrogen.* In this Section, I shall define Bohr’s model using four 
postulates, that is, using four statements that are assumed to be true for the purposes 
of developing the model. 


Postulate 1 The electron in the atom moves in a circular orbit centred on the 
nucleus; the electrostatic force between them is described by Coulomb’s law. 


In this postulate, the nucleus is supposed to be so massive, compared with the 
electron, that it remains stationary while the electron is held in a circular orbit by 
the Coulomb force of attraction. This assumption is surely the simplest that could 
have been chosen. Perhaps the electron might be moving in, say, an elliptical orbit 
and perhaps Coulomb’s law might break down at atomic scales of distance (where it 
certainly had not been tested) but, as you'll be seeing shortly, Bohr had no need to 
invoke these perverse complications. Without further ado, then, let us move on to 
consider the second postulate. 


Postulate 2 The motion of the electron is described by Newton’s laws of motion in 
all but one respect—the magnitude L of the electron’s angular momentum is quan- 
tized in units of Planck’s constant divided by 2r: 


nh 


=> (10) 


where the number n (known as Bohr’s quantum number) can have the values n = 1 
or 2 or 3, etc. 


In making this assumption, Bohr was asserting a remarkable new idea: that the 
magnitude of the orbiting electron’s angular momentum was quantized, i.e. that it 
could take only certain definite values. When n = 1, L = h/(2z); when n = 2, 
L = 2h/(2n), and so on. This suggestion was extraordinary because it was contrary 
to expectations based on Newton’s laws of classical mechanics, according to which 
the electron should, in principle, have been able to have any value of angular 
momentum. 


What is the angular momentum L of an orbiting electron of mass m, (Figure 
31) when it has velocity v at position r? 


According to the definition given in classical mechanics (Unit 4), the angular 
momentum L of the electron is found by multiplying its mass m, by the vector 
cross product of r and v: 


L=m,(r x v) (11) 


Remember that angular momentum is a vector quantity—it has both 
magnitude and direction. 


Now think about the magnitude L of the vector L. From equation 11, this quantity is 
given by: 

L=m,|r x v]. (12) 
What is the magnitude of the vector cross product r x v? You should know from 
Unit 4 that the magnitude of the vector cross product of any two vectors is given by 


multiplying together the magnitudes of the individual vectors and the sine of the 
angle between them: 


L = m,rv sin 0, (13) 


where 0 is the angle between r and v. In the case of an electron in a circular orbit, 
this angle is always 90° (Figure 31). Hence, in this case 


L=m,rv (14) 


since sin 90° = 1. Now consider the quantities on the right-hand side of equation 14: 
the mass m, of the electron is fixed, although its speed v and the radius r of its orbit 
should be able to vary continuously. For this reason, classical physics predicts that 
the magnitude L of the electron’s angular momentum should, in principle, be able 


* Bohr actually formulated three models of the atom, but they all gave the same results as 
the one described here. 
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Figure 30 According to Bohr’s model, 
the hydrogen atom consists of an electron 
moving around a nucleus in a circular 
orbit. 


Bohr’s quantum number 


Figure 31 Since the electron’s orbit is 
circular, its position vector r is always 
perpendicular to its velocity vector v. 


to take any value. This is why the second postulate was so revolutionary: Bohr 
asserted that L could not take any value, and that its possible values were restricted 
to those given by the so-called ‘quantization condition’ 


nh 
ba (eq. 10) 


wheren = 1 or 2 or 3, etc. Notice that since the right-hand side of equation 10 contains 
the factor h, Planck’s constant, it must be an equation of quantum physics, not of 
classical physics. Remember, I said earlier (after equation 2) that Planck’s constant 
never occurs in the equations of classical physics. 


ITQ 6 Show that the right-hand sides of equations 14 and 10 both have the 
same dimensions. 


You may be puzzled that Bohr should have predicted that L should come in multiples 
of h/(2n) rather than of, say, h/(7), or of h/(22.9) for that matter! The justification 
for this was that this assumption (equation 10) enabled him to understand experi- 
mental results—you’ll be seeing which ones later on. 


Now let us investigate the consequences of Bohr’s quantization condition. There 
are two equations for the magnitude L of the electron’s angular momentum: first, 
L = m,rv (equation 14), derived from classical mechanics, and secondly L = nh/(2n) 
(equation 10), which tells us the quantized values that L can take. Using both of these 
equations 


L nh 
=m,rv = —, 
3 2n 
and therefore, 
nh 
a 2nm,v- (15) 


You will see shortly that, according to the first two postulates, there is only one possible 
value of the radius r and only one possible value of the speed v for each value of n. 
Hence, to each value of n there corresponds a well-defined orbit, called a Bohr orbit, 
whose radius r is related by equation 15 to the electron’s speed v in the orbit. 
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Bohr orbit 


Figure 32 The first three orbits of the 
electron in the hydrogen atom—the 
electron shown here is in the n = 2 orbit. 
The radius of the n = 1 orbit is denoted 
by dp and is called the Bohr radius. 
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The radius of the n = 1 orbit is usually called the Bohr radius ay (Figure 32). Also, as 
you will be seeing later, the greater the value of n that characterizes an orbit, the 
greater is its radius.* However, before that can be proved, two more postulates are 
needed to define the model completely. 


Postulate 3 Despite its acceleration, the electron does not continuously radiate 
electromagnetic energy, so its total energy (in each of its possible orbits) remains 
constant. 


It may have occurred to you already that the Bohr atom should be unstable, like the 
Rutherford atom that it resembles. Since, in the Bohr atom, the orbiting electron is 
accelerating, it should, according to Maxwell’s theory of electromagnetism, fall into 
the positively charged nucleus, as its kinetic energy is converted into the energy of 
the radiation that it emits. However, Bohr ‘solved’ this problem of radiation loss by 
fiat in this third postulate, according to which the orbiting electron does not emit 
radiation when it is in a stable orbit around the nucleus. He had no good theoretical 
reason for putting forward this apparently unreasonable and contrived assumption— 
he advanced it simply as a working hypothesis, to be judged according to its agree- 
ment with experiment. 


Bohr’s suggestion that the orbiting electron would not continuously emit electro- 
magnetic radiation implied that the electron did not gradually lose its energy, which 
in turn implied that the total energy of the orbiting electron remained constant. I use 
the term total energy because the electron has two forms of energy—kinetic and 
electrostatic. 


In suggesting that the orbiting electron does not lose its energy, Bohr had introduced 
the idea that each orbit corresponded to a different energy level of the electron. This 
prediction that the energy of the electron, as well as its angular momentum, would 
be quantized was incomprehensible in classical mechanics: according to that theory, 
the electron should have been able to have any value of angular momentum and 
energy. 


I shall show shortly how Bohr’s first three postulates allowed all the electron’s energy 
levels to be calculated. Now, in preparation for that, try ITQ 7, in which you'll 
calculate the total energy of the electron in the n = 1 Bohr orbit. 


ITQ 7 (a) Use equation 15 to calculate the kinetic energy of an electron in 
the n = 1 orbit, in terms of the Bohr radius ag. 


(b) Write down an expression for the electrostatic potential energy of the 
electron in the n = 1 orbit, in terms of the Bohr radius dy. 


(c) Use your results from parts (a) and (b) to calculate the total energy Eo 
of the electron in the n = 1 Bohr orbit. 


One question that I have yet to address is ‘What happens when the electron moves 
(i.e. makes a transition) from one orbit to another?’ This question is answered by the 
fourth and final postulate. 


Postulate 4 When an electron that has total energy E,, in the orbit characterized 
by the Bohr quantum number a, makes a transition to the orbit characterized by the 
Bohr quantum number b, in which it has a lower energy E,, a single quantum of 
electromagnetic radiation is emitted with a frequency f given by the Planck—Einstein 
formula f = (E, — E,)/h. 


This postulate connects the quantum theory of the hydrogen atom with the quantum 
theory of electromagnetic radiation. According to Bohr, when an electron loses 
energy E, — E, by making a transition from the energy level E, to the lower energy 
level E,, this energy is transferred to an ejected photon of electromagnetic radiation 
(Figure 33) whose frequency is given, as you should expect, by the Planck—Einstein 
formula (equation 2) 


E — E, = hf. (16) 


* This is not obvious from equation 15, since I have not yet shown how v depends on n. 
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Bohr radius 


energy level 


transition 


The wavelength / of the radiation is then given by the familiar formula c = fA, 
where c is the speed of light in a vacuum: 


he 


j= 
E —E, 


(17) 


photon with 
energy Ea Ep 


Since the energies E, and E, of the orbiting electron can take only certain, definite 
values (postulate 3), it follows from equation 17 that the wavelengths of electro- 
magnetic radiation emitted when the electron makes transitions between these 
energy levels also have only certain, definite values. 


This, according to Bohr’s theory, is why spectral lines are observed when energy is 
transferred to hydrogen atoms: electrons in the atoms gain energy and move into 
orbits of higher energy, after which they fall back and emit quanta of radiation. For 
example, if energy is transferred to, say, 10°? individual hydrogen atoms in a dis- 
charge tube, many different transitions will take place at once and, therefore, many 
different wavelengths of radiation (spectral lines) will be emitted. 


That concludes my discussion of the assumptions that Bohr made in formulating his 
model of the hydrogen atom (Table 2 overleaf). What is your reaction to the postu- 
lates? The most favourable view of them that I could expect you to take is that they 
appear to constitute a plausible mixture of intuitively reasonable, classical ideas with 
the revolutionary quantum ideas of Planck and Einstein. On the other hand, you 
may think that the model is an artificial and illogical attempt to mix the unmixable— 
classical and quantum physics. Both of these attitudes are reasonable and justifiable, 
but I think that it would be premature to pass final judgement on the model before its 
predictions have been compared with experiment. This will be done in the next 
Section, but before you move on, try SAQs 8-10. 


SAQ 8 State the four postulates that define Bohr’s model of the hydrogen 
atom. (Try to do this without looking them up! It doesn’t matter if you cannot 
quote the postulates perfectly, but you should be able to recall their content.) 


SAQ 9 In many books, Bohr’s model is called ‘the planetary model of the 
atom’. I have not used this term, because I don’t think the analogy between 
Bohr’s picture of the electron in the hydrogen atom moving around a nucleus 
corresponds sufficiently closely to the usual picture of a planet moving around 
the Sun. Can you think of two ways in which the two cases differ? 
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Figure 33 When the electron in a 


hydrogen atom makes a transition from 


energy level E, characterized by the 
quantum number a to the energy level 
E, characterized by the quantum 


number b, then a single photon of energy 


E, — E, is ejected. In this Figure, 
a = 4and b = 3. 
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SAQ 10 I said in the Text that the Bohr model might be regarded as an 
‘attempt to mix the unmixable—classical and quantum physics’. For each of 
the four postulates that define the model, state whether it is based on purely 
classical physics, on purely quantum physics or on a mixture of the two. 


Bearing in mind that when the model is applied, its classical and quantum 
postulates are used simultaneously, do you think that the model is ‘artificial 
and illogical’? 


Table 2 Bohr’s model of the hydrogen atom 


Postulate 1 


Postulate 2 


Postulate 3 


Postulate 4 
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Formal statement of the 
postulate 


Informal comments on the 
postulate and its implications 


The electron in the atom moves 
in a circular orbit centred on the 
nucleus; the electrostatic force 
between them is described by 
Coulomb’s law. 


The motion of the electron is 
described by Newton’s laws of 
motion in all but one respect— 
the magnitude L of the electron’s 
angular momentum is quantized 
in units of Planck’s constant 
divided by 27: L = nh/(2n), 
where the number n (known as 
Bohr’s quantum number) can 
have the values n = 1 or 2 or 3, 
éte: 


Despite its acceleration, the 
electron does not continuously 
radiate electromagnetic energy, 
so its total energy (in each of its 
possible orbits) remains 
constant. 


When an electron that has total 
energy ŒE, in the orbit 
characterized by the Bohr 
quantum number a makes a 
transition to the orbit 
characterized by the Bohr 
quantum number b, in which it 
has the lower energy £,, a single 
quantum of electromagnetic 
radiation is emitted with a 
frequency f given by the 
Planck—Einstein formula 


J= (E, — Eph. 


This postulate asserts that 
Coulomb’s (classical) law of 
electrostatics applies to the 
orbiting electron. It also says 
that Bohr’s model resembles 
Rutherford’s rather than 
Thomson’s model. 


Contrary to the expectations of 
classical (Newtonian) physics, the 
angular momentum of the 
orbiting electron is quantized. 
This implies that only certain 
circular orbits of the electron are 
allowed. 


Contrary to the expectations of 
classical (Maxwellian) 
electrodynamics, the orbiting 
(accelerating) electron does not 
continuously emit 
electromagnetic radiation when 
it is in one of the Bohr orbits. 
For this reason, the total energy 
(kinetic + electrostatic) of the 
electron is constant in each orbit. 
In other words, each orbit 
corresponds to an energy level. 


With this postulate, the idea of 
radiation quanta is incorporated 
into the model. Since, according 
to postulate 3, the electron in the 
hydrogen atom has energy levels, 
postulate 4 allows an 
understanding of why hydrogen 
atoms emit spectral lines 
(electromagnetic radiation of 
only certain wavelengths). 


5.3 


5.3.1 


Bohr’s results for the hydrogen atom 


Study comment In Sections 5.3.1—5.3.3, you will be seeing how Bohr’s model 
of the hydrogen atom can be used to derive three important results. If, when 
you are studying these individual Sections, you are in any doubt about which 
result is being sought, then refer to the Section’s title! Try not to be put off by 
the density of formulae derived in these Sections. You are not required to 
remember any of them, although you should be able to understand how they 
are derived. 


I shall now use the four postulates that define Bohr’s model of the hydrogen atom to 
derive, in turn, an expression for the radii of the Bohr orbits, a formula that predicts 
the energy levels of the orbiting electron, and finally, Balmer’s formula for the wave- 
lengths of some of the spectral lines of hydrogen. 


The radii of the Bohr orbits 


You have already seen that the second postulate can be used to prove an expression 
for the radii of the Bohr orbits: 


nh 


r= 5 (eq. 15) 
2mm, v 


where r is the radius of the nth Bohr orbit, in which the electron of mass m, is moving 
with speed v. Since this speed is an unknown quantity, equation 15 cannot be used 
directly to determine the radii of the orbits. However, it is easy to find the speed of the 
electron, by considering the magnitude of the force that keeps it in circular motion 
around the nucleus. 


What is the magnitude of the force that keeps the electron in its circular orbit? 
Since the magnitude of the radial component of the acceleration of the 


electron is v?/r, the magnitude of the force F on the electron is given by 
Newton’s second law (Unit 3): 


pan (18) 


The force that is keeping the electron in its orbit is the electrostatic force,* whose 
magnitude is, of course, given by Coulomb’s law 


e2 


= Aner? (19) 

Using equations 18 and 19, 
i ez 

r  Anegr?” 

Rearranging this equation, we find 
2 
a = (20) 
4TEo M,F 


Equation 20 predicts how the speed v of the orbiting electron varies with its distance 
r from the nucleus. Now it would be useful if we could find an expression for r that 
does not contain the unknown quantity v. This will be done next, but first, for a reason 
that you’ll understand in a moment, let me square both sides of equation 15: 


n*h? 


4n?m2v* 


2 


(21) 


* The gravitational force on the electron can safely be ignored since it is negligibly weak. 
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The point of doing that piece of algebra is that now we have two equations containing 
v?—these are equations 20 and 21. Hence, this unknown quantity can be eliminated 
simply by substituting equation 20 into equation 21: 


> wh f4neom,r 
t = — 5. 
4n*m2 e 
Hence, cancelling r from both sides of this equation, and simplifying the expression 
on the right-hand side, we find: 


(22) 


Look carefully at this remarkable equation and notice straightaway that it contains 
Planck’s constant h, which is evidence of its quantum pedigree. The equation gives 
the radii of all the Bohr orbits in terms of the quantities e, m,, h and é 9, all of which 
can be measured in the laboratory. Bohr’s model can, therefore, be said to have 
connected the macroscopic physics of the laboratory with the microscopic physics of 
the hydrogen atom. Now, in order to establish the validity of this connection, it is 
necessary to check that the quantitative predictions of equation 22 are in agreement 
with a reasonable estimate of the radius of the hydrogen atom. You should now do 
this yourself by trying ITQ 8. 


ITQ 8 (a) Write down what you consider to be a reasonable estimate of 
the order of magnitude of the Bohr radius, ag, that is, the radius of the n = 1 
Bohr orbit. (Take it to be roughly the typical atomic radius, which you should 
be able to remember.) 


(b) Use equation 22 to calculate the Bohr radius ay of the hydrogen atom. 
(Take care to show that the units of the equation are correct.) 


(c) Are your answers to parts (a) and (b) in reasonable agreement? 


Now that you have found the radius of the n = 1 orbit of the electron in the hydrogen 
atom; it is a simple matter to use equation 22 to calculate the radii of all the other 
Bohr orbits. In general, equation 22 says that the radius r of the nth orbit is given by 


P= Gees (23) 


where the Bohr radius dy = h7é9/(mm,e”) = 0.53 x 1071°m. The three orbits 
nearest the nucleus are shown on Figure 34—notice that they are not equally spaced. 


r=4.8x10°'m 


Figure 34 The Bohr model allows the 
radii of all the Bohr orbits to be 
calculated. 


I hope that you are impressed by the quantitative success of the Bohr model in 
accounting for the radius of the hydrogen atom. Now, before you continue, try ITQ 9, 
which enables you to prove that the model is consistent with the special theory of 
relativity, something that has not yet been checked. In doing this question, you will 
prove an important expression for the speed v of the orbiting electron, which will be 
used later. 


ITQ 9 (a) Use equations 15 and 22 to prove that the speed v of an electron 
in the nth orbit of a hydrogen atom is, according to Bohr’s model: 


e? 


=—— 24 
: 2hegn 2 


(b) Given that e?/(2heo) = 2.18 x 10°ms~', prove that, according to 
Bohr’s model, the speed of the electron in the hydrogen atom will never exceed 
the speed of light in a vacuum. 


5.3.2 The energy levels of the electron 


The first question to ask is ‘What forms of energy does the orbiting electron have?’ 
You should know the answer to this from ITQ 7: the electron has kinetic energy 
Exin = m,v* and it also has electrostatic potential energy E,, = —e?/(4neqr). The 
electron’s total energy E,,, therefore consists of two components, E,;, and E,,: 


Eo = Exin 5r Ea 


= Im -£ 25) 
Aner 


It is now a simple matter to calculate E, since equations have already been derived 
for v (equation 24 v = e?/2hegn) and for the radii of the Bohr orbits (equation 22 
r = n’h’e,/nm,e”). If these equations are substituted into equation 25, 


2 2 2 2 
= = e e nE 
= € (2hegn 4neo (n7hE, 


> 


m,et m.et 
8h7egn? 4h? «2 n?” 
= nest (26) 
n= (Shef 


If the correct numerical values of m,, e, h and € are substituted into equation 26, 
then, as you can easily check for yourself, 


218 x 10] 


(27) 


where, in equation 27, the total energy of the electron has been calculated in the 
convenient units of electronvolts (1 eV = 1.6 x 10~!° J), which are commonly used 
when discussing atomic energy levels. 
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Equation 27 is extremely important, since it gives the Bohr model’s prediction for 
the energy levels of the electron in a hydrogen atom (Figure 35). Look carefully at 
Figure 35—it has a number of important features. First, notice that as n increases, 
the energy levels gradually become closer together: as the distances between the 
electron’s Bohr orbits increase, the spacings between its energy levels decrease. 


excited 
states 
n =2 ——— t E a = -3.4eV 
ground 
state n=1 + Eo = —13.6eV 


Secondly, note that the electron has its lowest possible (most negative) energy when 
it occupies the n = 1 Bohr orbit—for this reason, when the orbiting electron is at its 
closest to the nucleus, in the n = 1 energy level, it is said to be in its ground state. The 
electron will always occupy this state of lowest energy unless, of course, energy is 
transferred to it, in which case it will make a transition to a higher energy level, 
n = 2 orn = 3 etc. These energy levels above the ground state are known as excited 
states. 


Finally, I want to discuss the interpretation of the electron’s energy levels. What 
does it mean to say that the electron’s total energy in the n = 2 orbit is —3.4eV? 
And, in particular, what is the significance of the minus sign? 


To answer the last question first, the energy is negative because energy must be 
transferred to the electron in order to remove it from the nucleus, to which it is 
attracted. When we say that the energy of the electron is —3.4 eV in the n = 2 Bohr 
orbit, we mean that 3.4 eV of energy must be transferred to the electron in order to 
remove it from that orbit to rest at infinity, where it is beyond the influence of the 
attractive force of the nucleus. This process of removing an electron from an atom is 
called ionization, and ionized atoms are usually called ions for short (Unit 7). 


From the example of the n = 2 orbit, it should be fairly obvious that the amount of 
energy required to remove an electron from a hydrogen atom (in other words, the 
electron’s ionization energy) is equal to minus the energy that it had when it was 
bound in the atom. Hence, using equation 27, the ionization energy E; of an electron 
in the nth Bohr orbit is given by 


13.6 
E = + eV. (28) 
n 


An electron that has been completely removed from a hydrogen atom is said to be 
unbound (or free). There is an important point to note about such an electron—its 
total energy (kinetic + potential) can, in principle, have any positive value. In 
technical language, we say that a continuum of positive energy states are available to 
the unbound electron (Figure 35). 


SAQ 11 (a) Isit correct to say that the total energy of an unbound electron 
is quantized? 


(b) What would happen if 4 eV of energy were transferred to an electron in 
the n = 2 energy level of a hydrogen atom? 
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Figure 35 The possible values of energy 
of a hydrogen atom’s electron. When the 
electron is bound in the atom, its total 
energy is negative and it is quantized 

(i.e. the electron can occupy only certain 
energy levels.) When the electron is 
unbound, it has a continuum of possible 
positive energy states (i.e. the electron’s 
total energy can, in principle, have any 
positive value.) 


ground state 


excited states 


ionization 


ionization energy 


continuum of positive energy states 
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Now think about what happens when an electron makes a transition between two 
energy levels. There are two cases to consider—first, when the electron makes a 
transition to a lower energy level (to a Bohr orbit closer to the nucleus) and, second, 
when it makes a transition to a higher energy level (to a Bohr orbit further from the 
nucleus). These cases are illustrated in Figure 36. 


ren > Sa 
SP SPYFLLOLDYI POT OP 
n=2 photon with p ao a SS eS 


energy E, — E, 


OSS 
photon with 
energy E, — E; 
n=1 n=1 
(a) (b) 
When the electron loses energy, you know from the fourth postulate that a single Figure 36 - (a) When an electron makes a 
quantum of electromagnetic radiation (a photon) is emitted. In the particular case transition to a lower energy level, a 


photon is ejected with energy equal to the 


shown in Figure 36a, the energy E of the photon is given by: : 
difference between the two energy levels 


E= E, — E, involved. (b) If sufficient energy is 
=26éeV transferred to the electron in the atom, 
it can make a transition to a higher 
i.e. by the difference between the energy levels between which the transition takes energy level. 


place. 


For the electron to make a transition to a higher energy level, energy must be trans- 

ferred to it. For example, in the case shown in Figure 36b, the energy E required to 
make the electron undergo a transition from the ground state (n = 1) to the n = 3 
excited state is given by the difference between these energy levels: 


E=E,-E, 
= 12.1 eV. 


How could this energy be transferred to the electron? Well, kinetic energy could be 
transferred to it or, alternatively, a quantum of electromagnetic radiation (a photon) 
could do the trick. That photon must have energy of 12.1 eV if it is to be absorbed by 
the electron in making this particular transition. You should now be able to see why 
electromagnetic radiation of certain wavelengths can be absorbed by hydrogen atoms: 
electrons in these atoms gain energy by absorbing radiation quanta and thereby 
make transitions to higher energy levels. 


That concludes this discussion of the energy levels of the electron in the hydrogen 
atom. Now, at last, I can present Bohr’s piéce de résistance—the derivation of 
Balmer’s formula. 


5.3.3 The derivation of Balmer’s formula 


You saw in Section 2 that Balmer’s formula, 


n? 


A= 364.64 A nanometres, (eq. 1) 


n? — 
gave to very high accuracy the wavelengths of several of hydrogen’s spectral lines. 
Shortly after equation 17, I mentioned that the Bohr model predicts that such lines 
correspond to transitions between the energy levels of the hydrogen atom. Moreover, 
you have also seen that the fourth postulate allows the frequencies (and hence the 
wavelengths) of the lines to be calculated. I shall now recall this postulate and then 
use it to derive Balmer’s formula. 


Postulate 4 When an electron that has total energy E, in the orbit characterized 
by the Bohr quantum number a makes a transition to the orbit characterized by the 
Bohr quantum number b, in which it has the lower energy E,, a single quantum of 
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electromagnetic radiation is emitted with a frequency f given by the Planck—Einstein 
formula f = (E, — E,)/h. 


When I first stated this postulate, I could not say what values E, and E, could take— 
all I could say was that these were the energies of the electron when it occupied orbits 
that are characterized by the Bohr quantum numbers a and b respectively. But since 
then, I have derived a formula (equation 26 or 27) that actually predicts these 
energies. Using equation 26: 


and 


—1{m,e 
p= = rae 
ee re 


d 


It is now child’s play to use the fourth postulate to derive Bohr’s formula for the 
frequency fy» of the electromagnetic radiation that is emitted when an electron 
makes a transition from energy level a to the lower energy level, b. 


E,- E, 1[—1 {me 1 {m.et 
Faze = 2 Z2( +z Tie 
h h| a (8h*« b4 (8h7E 


TR A REER 
Jozo = Se po a 


mee a Be 7 
~ ghe? | ab? © 


The wavelength A,_,, of the emitted radiation can be calculated after recalling that 
the product of the frequency and wavelength is equal to the speed of light c in a 
vacuum (Units 9 and 10). In the present notation: 


C= fasb ash: 
and therefore, 
(é 
Ve (30) 
Pemas 


If equation 29 is substituted into equation 30: 


(31) 


This is one of the most important equations in this Text—it is Bohr’s prediction for 
the wavelength A,_,, of the electromagnetic radiation that would be emitted if an 
electron in energy level a of the hydrogen atom makes a transition to the lower 
energy level, b. Notice that the equation contains no undetermined quantities 
(‘free parameters’): A,_,, can be calculated for any pair a and b, after looking up the 
experimentally measured values of €, h, c, m, and e. It turns out that* 


a’b? 
a 91.1270) 2} nanometres, (31) 
a? — 


which has exactly the same content as equation 31. Equation 31’ allows Balmer’s 
formula to be understood—at a stroke. Bohr suggested that the lines accounted for 
by the formula were the ones due to transitions to the energy level characterized by 
the quantum number 2. Putting b = 2 in equation 31’, and rounding the accuracy 
down to five significant figures, 


* Although I have quoted this formula to six significant figures, Bohr did not have such 
accurate data to hand when he formulated the model. In this Text, I shall use current data 
when comparing the predictions of the model with experimental data—it turns out the 
model now fares even better than it did in 1913! 
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wavelengths >,» of the spectral lines of 


atomic hydrogen, according to Bohr’s model 
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az 


A= 364.51 + nanometres (32) 


a — 
which is almost identical to Balmer’s formula! Notice that the numerical factor 
outside the brackets of equation 32 is smaller than its counterpart in Balmer’s 
formula and that the difference is only 0.05 nanometre—about 1 part in 7 000! An 
interpretation of the mysterious number n in Balmer’s formula can now be given— 
according to Bohr’s model, it denotes the Bohr quantum numbers of the upper energy 
levels (denoted by ‘a’ in equation 32) from which the electron makes transitions to 
the lower energy level, characterized by the Bohr quantum number b = 2 (Figure 37). 


n= 


Balmer series 


Figure 37 When Bohr’s model was first 
published, it accounted for the 
observation of Balmer’s series of spectral 
lines and for the two lines detected by 
Paschen (ITQ 10). These lines correspond 


n= 1 to the transitions shown in this Figure. 


You may well be thinking ‘Shouldn’t there also be evidence for transitions to the 
energy levels characterized by the Bohr quantum numbers n = 1, 3, 4, 5, 6, etc. ? The 
answer to this question is that there should indeed be evidence for these transitions, 
and that equation 31 (or 31’) enables us to calculate the wavelengths of the emitted 
spectral lines. 


By 1913, when Bohr had formulated his theory of the hydrogen atom, the Balmer 
series of spectral lines was not the only one that had been observed. The first two 
lines of a new series had been detected in 1908 by the German physicist Friedrich 
Paschen. The wavelengths of his new lines were 1 875.1 nm and 1 281.8 nm. They 
were both in the infra-red region of the electromagnetic spectrum, and they could 
both be accounted for using Bohr’s model of the hydrogen atom, as you can show 
for yourself by doing ITQ 10. 


ITQ 10 Use equation 31’ to prove that according to Bohr’s model, 
Paschen’s spectral lines (whose wavelengths were 1 875.1 nm and 1 281.8 nm) 
were due to transitions made by electrons in hydrogen atoms to b = 3 energy 
levels from the energy levels characterized by the Bohr quantum numbers 
a = 4and 5 respectively. 


Mark on Figure 37 the transitions responsible for Paschen’s lines. 
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5.4 


Other series of lines in the hydrogen spectrum 


Now that you have done ITQ 10, Figure 37 should show two series of spectral 
lines that were accounted for by Bohr’s model. With these successes behind him, 
Bohr confidently predicted the wavelengths of other series that he suggested should 
be detectable. 


First, he predicted that there should be a series of hydrogen lines corresponding to 
transitions of electrons to their ground states. Secondly, he suggested that there 
should be new series corresponding to transitions to the excited states, characterized 
by the Bohr quantum numbers 4, 5, 6 etc. It is perhaps not surprising that the searches 
for these series were entirely successful. Each new series was named after the experi- 
menter who was first to detect one of its lines—for example, the lines corresponding 
to transitions to the ground state were called the ‘Lyman series’, after the American 
physicist Theodore Lyman who detected the first two lines in the series. In Figure 38, 
you can see the series that correspond to transitions to each of the five lowest energy 
levels of the electron in the hydrogen atom. 


Lyman 


As you saw in equation 31’, the Bohr model predicts that the wavelengths of the hy- 
drogen lines would be given by 


a? 2 
A e 91.1270) | nanometres. (eq. 31’, theoretical prediction) 


When the experiments had been done, it was found that the wavelengths were given 
to the highest accuracy by the empirical formula 


2p2 
A = 91.1763 at nanometres (33, experimental result) 
a — 
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Lyman, Balmer, Paschen, Brackett and 
Pfund series in the spectrum of atomic 
hydrogen 


Figure 38 The transitions of the electron 
in the hydrogen atom that correspond to 
the Lyman, Balmer, Paschen, Brackett 
and Pfund series of spectral lines. (Only 
the first five lines in each series are shown 
here.) 


5.5 


The experimentally determined number outside the brackets of equation 33 is equal 
to the reciprocal* of a quantity that is frequently used in spectroscopy, known as 
Rydberg’s constant R for the hydrogen atom: 1/R = 91.1763 x 107° metres, or 


R = 1.09678 x 107 metres~! (34) 


Bohr’s theory predicted the value of this experimentally determined constant to be 
given by m,et /(8h°eĝ c) as you can check for yourself by comparing equation 31 with 
equation 33. The agreement between the prediction and the measurement, to within 
5 parts in 10 000, gave strong support to the validity of Bohr’s theory. 


Summary of Section 5: a successful quantum model 
of the hydrogen atom 


In this Section, you have seen that Bohr’s quantum model of the hydrogen atom 
successfully accounts for the size and spectroscopy of the hydrogen atom. The four 
postulates that defined Bohr’s model were used first to prove a general expression 
for the radii of the electron’s possible Bohr orbits: 


t = Neda; (eq. 23) 


where the Bohr radius ay = h?£o/(nm,e°) gives the model’s prediction for the radius 
of the electron’s orbit when it is in its ground state (n = 1). Secondly, the postulates 
were used to prove a formula for the electron’s energy levels 


1 {met 
Ex = — a oe el (eq. 26) 


Finally, equation 26 was used to derive Balmer’s formula for the wavelengths of some 
of the spectral lines of hydrogen (equation 1). These successes of Bohr’s model may 
well have surprised you if you were unhappy about the rather contrived nature of the 
postulates that I used to define the model in the first place. How can such an incon- 
gruous hotchpotch of classical and quantum ideas give such excellent agreement with 
experiment—is there no justice in physics? In Section 7, I shall consider philo- 
sophical questions like these, but until then I must ask you to keep your critical 
faculties in check. 


SAQ 12 (a) Does Bohr’s model specify whether the electron in the 
hydrogen atom orbits the nucleus in a clockwise direction or in an anti- 
clockwise direction? Explain your answer carefully. 

(b) Write down the magnitude of the angular momentum of an electron in 
the n = 4 energy level of a hydrogen atom. 


SAQ 13 (a) Prove that, according to the Bohr model, the wavelengths 4 
of the Brackett series of spectral lines are given by 


2 


A= 14s | 


nanometres. 
a — 3} 


(b) Use the result of part (a) to find which transition in the Brackett series 
corresponds to the spectral line of hydrogen that has wavelength 1 736 nm. 


SAQ 14 (a) The separation between the n = 2 energy level and the ground 
state of the electron in the hydrogen atom is 10.2 eV. Show that electro- 
magnetic radiation of wavelength 122 nm is emitted when the electron makes 
a transition from the upper energy level to the lower one. 


(b) Use your answer to part (a) to say whether an electron in the ground 
state of a hydrogen atom can absorb radiation of wavelength 200 nm. 


* This is due to a historical accident and not to some perversity of the physics community. 
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Rydberg’s constant R for hydrogen 
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6.1 


6.2 


Bohr’s quantum model of heavy atoms 


Introduction 


In this Section, you will be seeing how Bohr extended his model of the hydrogen 
atom to heavier atoms. The extended model could be used to derive insights into the 
structure of the Periodic Table of chemical elements and into the phenomena of 
X-ray emission (Sections 6.2 and 6.3). However, the model could not be used success- 
fully to investigate the phenomena of radioactivity, as you will see in Section 6.4. 


An extension of Bohr’s model to heavy atoms 


Bohr’s model of the hydrogen atom was very successful, so there was a strong incen- 
tive to develop a similar model of heavy atoms, which I define to be atoms that contain 
more than one electron. The task of developing such a model proved to be very 
difficult, even for Bohr, and he struggled for nearly ten years to refine his first (and 
rather unsatisfactory) model of heavy atoms, which he formulated in 1913. In this 
Section, I shall briefly describe a mature version of his model. 


Bohr assumed that each heavy atom contained electrons moving around a nucleus 
in well-defined orbits, with definite values of energy (i.e. he assumed that the electrons 
occupied energy levels). He also suggested that the constituent electrons occupied 
shells, which are now customarily labelled by letters of the Roman alphabet. The 
shell nearest the nucleus is called the K-shell and the next nearest shells are labelled 
(in alphabetical order) the L-, M-, N-shells, and so on. The K-shell was supposed to 
contain a maximum of only two electrons, and the L-, M- and N-shells were supposed 
to contain a maximum of 8, 18 and 32 electrons respectively.* 


An example should serve to clarify these ideas. Look at Figure 39, which is a sche- 
matic diagram of Bohr’s model of a neon atom, which contains ten electrons. In this 
particular atom, the K-shell and the L-shell are full, since they contain their maximum 
complements of electrons (two and eight respectively). The shells further from the 
nucleus are empty. This Figure shows the atom in the particular case in which 
its constituent electrons have their lowest possible energies, that is, when the electrons 
are as near as possible to the nucleus. If sufficient energy were transferred to these 
electrons, they would be excited to occupy the higher energy shells that are normally 
empty. 


This model therefore allows a qualitative understanding of why heavy atoms emit 
spectral lines. These lines are emitted when electrons in excited states make transitions 
to states of lower energy, emitting radiation of certain, definite wavelengths. 


The idea that electrons in atoms occupy shells was successful, since it allowed Bohr 
to derive considerable insight into the structure of the Periodic Table of chemical 
elements. He used the model to argue that the similarities among the properties of 
certain Groups of elements in the Periodic Table reflected underlying similarities in 
the atomic structures of these elements. For example, according to Bohr’s model, 


* There is a pattern in these numbers. The K-shell can accommodate a maximum of 2 x 1? 
electrons, the L-shell a maximum of 2 x 2? electrons, the M-shell a maximum of 2 x 3? 
electrons and the N-shell a maximum of 2 x 4? electrons. You will understand the reason for 
this pattern when you have studied the Pauli exclusion principle (Unit 15). 
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heavy atom 


K-, L-, M-shells, etc. 


Figure 39 According to Bohr’s model of 
heavy atoms, electrons normally move 
around the nucleus in certain, specified 
orbits with fixed values of energy. This 
Figure is a schematic diagram of the 
neon atom when its ten constituent 
electrons have their lowest possible 
values of energy, i.e. when the electrons 
occupy the K- and L-shells of the atom. 
If energy is transferred to the outer 
electrons, they will make transitions to 
orbits of still higher energy. 


the reason why potassium and sodium have similar properties is that each of these 
elements has only one electron in its outer shell. 


You may have noticed that I have not yet said whether Bohr’s model of heavy atoms 
allows their electrons’ energy levels to be calculated. This is because I wanted to 
postpone the really bad news for as long as I possibly could—Bohr’s model cannot 
be used to calculate the energy levels of any heavy atom, even the one that contains 
only two electrons! 


Can you suggest why it should be extremely difficult to do calculations even 
for the helium atom, which contains only two electrons (Figure 40)? 


Insuperable problems arise as soon as the electrostatic force on one of the 
electrons is considered. It is necessary to take into account not only the force 
of attraction between the electron and the nucleus, but also the force that repels 
it from its companion electron. This force varies in magnitude and direction 
since the electrons’ separation is continuously changing. 


These difficulties thwarted attempts to do quantitative calculations using Bohr’s 
model of heavy atoms. However, Bohr’s model enabled many new insights into the 
structure and behaviour of heavy atoms. You have already seen that Bohr was able 
to use the model to gain some understanding of the Periodic Table of chemical ele- 
ments, and, as you will see in TV13, the model enabled an understanding of X-ray 
emission. 


TV13 X-rays and energy levels 


Study comment Most of the material on X-rays in this Unit is covered in 
TV13, which is entitled X-rays and energy levels. When you have seen this 
programme, read its Television Notes and then try SAQs 15-17. 


SAQ 15 (a) Why is a continuous range of X-ray wavelengths emitted by a 
molybdenum target when it is struck by high energy electrons? 


(b) Refer to Figure 41, and in particular to the X-ray spectrum that has the 
lowest cut-off wavelength. What is the accelerating voltage of the electrons 
bombarding the molybdenum target in this case? 


relative intensity 
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Figure 40 Bohr’s model of the helium 
atom, which is supposed to consist of 
two electrons moving around a nucleus. 
This Figure shows the orbits of the 
electrons when they have their lowest 
possible values of energy (i.e. when they 
both occupy the K-shell of the atom.) 


continuous X-ray spectrum 


Figure 41 The X-ray spectrum of 
molybdenum between A = 0.02 nm and 
À = 0.22 nm. 


at T 
0.02 0.04 0.06 0.08 0.10 0.12 0.14 


d/nm 
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6.5 


SAQ 16 (a) Describe the physical process that gives rise to the emission of 
characteristic X-rays. 

(b) What can be concluded from Figure 41 about the lowest energy levels of 
molybdenum? 


(c) Explain why no clear understanding of characteristic X-ray emission 
was possible using the atomic models of Rutherford and Thomson. 


SAQ 17 To what extent is the emission of characteristic X-rays by heavy 
atoms analogous to the emission of visible spectral lines by hydrogen atoms? 


Understanding radioactivity—an unsolved 
problem 


As you saw in Section 2.2.4, three types of radioactive decay—a, B and y—were 
discovered around 1900. You also saw that one of the problems raised by these 
discoveries was that of finding where the ejected a- and B-particles and y-radiation 
were coming from. However, by 1915, the consensus among physicists was that this 
problem had been solved—the a- and B-particles and y-radiation were all ejected from 
atomic nuclei. Ai 


Since radioactivity is a nuclear phenomenon, you should not be surprised to learn 
that it was not amenable to a detailed analysis using Bohr’s model of heavy atoms. 
This model deals with the electrons in heavy atoms, not with their nuclei. 


Why should only some nuclei be unstable? Why should different nuclei have different 
decay rates? Why were a- and B-particles and quanta of y-radiation emitted one at a 
time and not continuously? On all these questions, the Bohr model was silent. 
However, these questions were all answered using models of the atom that were 
developed using quantum mechanical principles formulated after 1925. Regrettably, 
we do not have time in this Course to give a full account of radioactive phenomena, 
although in Unit 15 I shall devote a Section of the Text to an explanation of how 
a-decay can be understood by using some basic quantum mechanical ideas. For the 
moment, however, I’d like you to remember that the problem of understanding 
radioactivity was beyond the scope of the simplest quantum model of the atom. 


Summary of Section 6: Bohr’s theory extended to 
heavy atoms—with mixed success 


In this Section and in TV13, you have seen how Bohr’s quantum model of the 


„hydrogen atom was extended to provide a useful model of heavy atoms (i.e. atoms 


that contain more than one electron). The main points of the Section have been: 


1 Bohr’s quantum model of the heavy atom was used successfully to gain some 
insight into the structure of the Periodic Table of chemical elements. 


N 


Bohr’s model could not be used to calculate the energy levels of electrons in heavy 
atoms. 


3 Bohrs model-could be used to understand the nature of characteristic X-ray 
emission, but it could not be used quantitatively to study the nuclear phenomena 
of radioactivity. 


SAQ 18 Turn to Table 1, ‘Understanding atomic structure’, which is printed 
on the fold-out page at the end of the Text, and note in the column headed 
‘Bohr’s quantum model’ whether the model enabled the stated problems to be 
solved. 


A critique of the Bohr model 


‘There must be something behind it. I do not believe that the derivation of the absolute 
value of the Rydberg constant is purely fortuitous.’ 


Albert Einstein, speaking in a colloquium held shortly after the publication of the paper 
in which Bohr formulated his model of the hydrogen atom. 


Now, at last, it is time to reflect on the successes and failures of the Bohr model. Was 
it reasonable to believe that the model was fundamentally sound, and that its faults 
could be corrected with a little more effort? Or was the model merely the harbinger 


.of a truly satisfactory model that had yet to be devised? To hear the views of Bohr and 
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characteristic X-rays 


radioactivity 


his contemporaries on these matters, listen to the band entitled ‘A critique of the 
Bohr model’, on audiocassette tape 4 (side 1, band 1). Afterwards, make a point of 
doing SAQs 19 and 20. 


SAQ 19 (a) What was the Bohr model’s prediction for the intensities of 
the spectral lines of atomic hydrogen? 


(b) In what way did Bohr modify his original model of the hydrogen atom 
in order to improve its agreement with experiment? 


SAQ 20 Do you think that in 1916 it was most reasonable to regard Bohr’s 
model as a manifestation of ultimate truth, as a sham, or as a prototype for a 
logically consistent model of the atom? 


The beginnings of modern atomic physics 


I began this Text by describing five of the problems that faced classical physicists 
around 1900, and I have now shown that four of these problems were solved by the 
new quantum theories of electromagnetic radiation and atomic structure—the 
unsolved problem was that of understanding radioactivity. If you want to be reminded 
of the main points in the story, then you should refer to the summaries that conclude 
Sections 2—6 of the Text. My purpose here is not to revise the material that I’ve been 
covering; I merely want to put it in some perspective and to point the way ahead to 
Units 14 and 15. 


The single, most important point about the material presented in this Unit is this: 
the results of certain experiments refuted the assumption of classical physics that 
physical quantities should, in principle, be able to vary continuously. Contrary to the 
predictions of classical physics, the energy of radiation is not delivered continuously 
and the angular momentum (and energy) of the electron in the hydrogen atom 
cannot take any given value. The energy of radiation is delivered in quanta (called 
photons) of energy E = hf, and, according to the Bohr model, the electron in a 
hydrogen atom can have only certain amounts (quanta) of angular momentum, 
L = nh/(2n). 


The sizes of these quanta were both determined by the fundamental constant of nature 
h, which was introduced by Max Planck in 1900. This constant has no place at all 
in the classical physics of Newton and Maxwell—it appears only in the equations of 
quantum mechanics. One of the reasons why it took so long to recognize the need 
for this constant is connected with its extremely small value (h = 6.6 x 10734 Js). 
It is because Planck’s constant is so small that we are deceived into thinking that 
light enters our eyes continuously; if the constant were to have had a much larger 
value, then the truth—that the energy of light is delivered in discrete amounts— 
might have been perceived sooner. 


Think of the advances that were made possible by the introduction and development 
of the idea of the quantum. Lenard’s peculiar results concerning the photoelectric 
effect were explained by Einstein, who suggested that the electrons are ejected from 
metals by individual quanta (photons) of radiation. Bohr solved the age-old problem 
of interpreting spectral lines—they were due simply to transitions between the energy 
levels of electrons—and he used his theory to give an impressively clear under- 
standing of Balmer’s formula and of why the hydrogen atom has a diameter of about 
10~'° m. Moreover, Bohr’s model was used successfully to predict the wavelengths 
of new series of lines in hydrogen’s spectrum. 


Yet Bohr’s model did not provide a final answer to the problems of atomic physics. 
Even those who were generous enough to wink at its rather contrived postulates, 
could not ignore the impracticability of applying the model to any neutral atom that 
was heavier than the hydrogen atom. By about 1922, Bohr’s theory had served its 
useful purpose, and it was fairly clear that a completely new approach to atomic 
physics was needed. 


The desperately needed new approach was eventually developed, mainly by European 
physicists, over the decade spanning 1923-1933. This period saw some of the greatest 
intellectual achievements in the entire history of science, with the development of a 
new and revolutionary quantum theory of matter. That theory and its applications 
are the subjects of Units 14 and 15. 
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Objectives 


After you have finished this Unit, you should be able to: 


1 Recall that the energy of a photon is given by the Planck—Einstein formula 
E = hf. (SAQs 1 and 2) 


2 Recall Einstein’s photoelectric equation and the assumptions that underlie his 
theory of the photoelectric effect. (SAQ 3) 


3 Describe experiments that enable the photoelectric effect to be investigated and 
state their results. (SAQ 4; ITQ 2) 


4 Describe Rutherford’s model of the atom and state one of its successes and two 
of its principal shortcomings. (SAQs 5 and 7) 


5 Describe Rutherford’s theory of «-scattering and use it to derive a formula for 
the distance of closest approach r,, of an «-particle to a nucleus during their collision. 
(SAQ 6; ITQ 5) 


6 Describe J. J. Thomson’s ‘plum-pudding’ model of the atom and state one of its 
successes and two of its principal shortcomings. (SAQ 7) 


7 Recall four postulates that define Bohr’s model of the hydrogen atom and 
recognize their separate ‘quantum’ and ‘classical’ content. (SAQs 8-10) 


8 Use the postulates to study the dynamics of the electron in a hydrogen atom and 
to discuss quantitatively transitions of this electron. (SAQs 11 and 12; ITQs 7-9) 


9 Use Bohrs equation for A,,, (equation 31) to derive the wavelengths of the 
different series of lines in the spectrum of the hydrogen atom. (SAQ 13; ITQ 10) 


10 Interpret the energy level diagram of the electron in a hydrogen atom. (SAQ 14) 


11 Explain why a continuous spectrum of X-ray radiation is emitted when certain 
heavy elements are bombarded by electrons that have an energy of several thousand 
electronvolts. (SAQ 15) 


12 Describe the process in which characteristic X-rays are emitted from heavy 
chemical elements. (SAQs 16 and 17) 


13 Give a valid critical assessment of the successes and failures of Bohr’s model of 


the atom. (SAQs 18, 19 and 20) 


ITQ answers and comments 


ITQ 1 Ifn = 3issubstituted into the Balmer formula (equation 1) 
it gives A = 364.56 x 2nm = 656.21 nm (to five significant figures), 
in excellent agreement with the experimentally measured value of 
656.210nm! The formula gives A = 486.08 nm for n= 4, A= 
434.00 nm for n = Sand A = 410.13 nm for n = 6—all in very good 
agreement with the experimental data. 


ITQ 2 Planck’s constant h = 6.6 x 10734 Js and the work func- 
tion ¢ of the metal is 4 x 10719 J. 
(a) Using equation 7, the slope of the graph = h/e. 


(5.8 — 0) V 
(2.0 — 0.6) x 1015 Hz 


Hence, the slope 


and h/e = 4.1 x 10°: **JC-'s,sincee1V=1J3C 1. 
Since e = 1.6 x 10° 1°C, 
h = (41 x 10°45 JC's) x (1.6 x 10°19 C) 
ie. h = 6.6 x 1074] s. 


(b) Using equation 7, the intercept of the graph on the V, axis is 
—¢/e. Thus, the intercept —f/e = —2.5 V, 


and therefore, 
o = (2.5 V) x (1.6 x 107+? C) 
ic. 6 =4 x 10-79 J. 
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ITQ 3 (a) The radiation is emitted at a rate of 8 W, i.e. 8 J of 
energy are emitted in each second (1 W = 1J s71). This energy 
would be spread over a spherical wave front: when the radius of this 
spherical wave front is 1 m, its surface area is 4x x (1 m)? = 4r m°. 
But we are interested in the energy transferred to a single atom, 
whose radius will be roughly 0.5 x 107+° m and whose area will 
therefore be m x (0:5 x 1071? m}? = n x (2.5 x 10-7!) m’. Thus 
the energy of the radiation incident on the atom in one second is, 


; n x (2.5 x 1072!) m? 
according to the wave model, 8J x = 


4n m? 
SOx I0- A: 
: a x10 
(b) From the answer to part (a), it would take 7a cls s= 68s 


to transfer sufficient energy to eject an electron from the potassium 
atom, assuming that the potassium atom absorbs all the energy 
incident on it. 


(c) 68s is very much longer than the measured upper limit of the 
time lag, which is approximately 107° s. Hence, if the rough 
calculation is correct to within a few orders of magnitude, it can be 
concluded that the simple classical wave theory of radiation is 
untenable in this case. 


ITQ 4 Since the maximum speed (say, v) of the -particles is only 
about 7 per cent of the speed of light in a vacuum ç, it is not necessary 
to use the special theory of relativity when analysing the experiment. 
(You should remember from Unit 12 that this theory is needed only 
when v?/c? is comparable with 1; in this case v?/c? ~ 4.4 x 107°). 


ITQ 5 (a) Ekin =4m,v*, assuming that the speed v of the 
a-particle is much less than the speed of light. (This condition 
obtained in Geiger and Marsden’s experiment.) 


©) Ea- a (You first met this expression in Unit 6.) 
4TEor 


(c) When the g-particle is far from the nucleus, it has only kinetic 
energy 3m,v*. However, when the a-particle is stationary, at its 
closest to the nucleus, it has only electrostatic potential energy 


Ea = . By the law of conservation of energy, the total energy 
Aner 
of the a-particle is always the same. Hence, 
mo? = 
4negre 
and, therefore, ri S 
2TEo M, V 


(d) Using the answer to part (c) of this question, it turns out that 
Tee el On, 


(e) ra is clearly much less than the diameter of the atom 
(~107'° m): this indicates that the nucleus occupies only a tiny 
fraction of the atom’s volume. 


ITQ 6 For the right-hand side of equation 14: 


[mJ] = [MILT +] 
= [MLT Y] 


For the right-hand side of equation 10: 


He 
a = [h]. 


The dimensions of Planck’s constant h can be found from 
equation 2: 
[h] = [EV/Lf] 
= [ML?T~7]/[T"*] 
= [ML?T~*] 
Thus, the dimensions of the right-hand sides of equations 14 and 
10 are the same. 


ITQ 7 (a) The kinetic energy E,;, of the electron in the n = 1 


h Z h? 
Bohr orbit is 3m,v? = 4m, = 
2mm, do 8n°m,a6 


SAQ answers and comments 


SAQ 1 The photon of the blue light has the greater energy, since 
blue light has a higher frequency than red light. 


SAQ 2 Both photons have the same energy: the energy E of the 
photon depends only on the frequency f of the radiation (E = h f), 
not on its intensity. 


SAQ 3 (a) = 4 x 10°1!°J. Since the minimum (threshold) 
frequency f, = 6.1 x 10'* Hz, the minimum energy required to 
eject an electron from barium (=its work function @) is hf, = 
(6.6 x 10734 Js) x (6.1 x 1014 Hz) = 4 x 10-19J 


(b) V, = 1.2 V. From equation 6, hf — ¢ = eV, and from the 
answer to part (a) of this question ¢ = hf,. Thus, 


eV, = hf —hf, =h(f — f). 


Hence, 


h 
[= AUS ap) 
e 
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(b) The electrostatic potential energy E,, of the electron is 


Eg= = 


el 


> 
ATE do 


since the charge e of the nucleus of the neutral hydrogen atom is 
opposite to the charge —e of the electron. E,, is negative, since 
energy must be transferred to the orbiting electron in order to 
remove it from the nucleus (to which it is electrostatically attracted). 


h? e? 


HEE 
8n°m, a6 


(©) Eo = Exin + Ea = 
4&9 do 


ITQ 8 (a) ~10 '°m, as you saw in Section 2.2.1. 
(b) dy = 0.53 x 10> 1° m. Using equation 22, 


he, (6.63 x 10-34 Js)? x (8.85 x 10-12 C? m~? N-) 
3.14 x (9.11 x 1073 kg) x (1.60 x 10719. C)? 


ao 


7m, e2 
= 0:53. x 10E*° am; 
since 1 J = 1 N m = 1 kg m? s™?. 


(c) Clearly, the calculation of part (b) of this question is in good 
agreement with the estimate for the Bohr radius given in part (a). 


ITQ 9 (a) Substituting equation 15 into equation 22: 
nh aheg e? 


= 2e 9 hn 


2mm,.v TMe 


(b) Since the speed v of the electron is given by 


oe! 
> 


2.18 x 10° 
pS 
n 


ms 


the electron will have its maximum speed (2.18 x 10° m s7 +) when 
it is in the n = 1 Bohr orbit. Since this maximum speed is less than 
the speed of light in a vacuum (3 x 108 m s` t), the speed of the 
electron will never exceed that of light, just as the special theory of 
relativity demands (Unit 12). 


ITQ 10 Fortransitions to the b = 3 energy level, equation 31’ says 


a? 


Aaa n 820.144 | nanometres 


a? — 
Hence, 44-3 = 1874.6 nm and 5—3 = 1281.5 nm, in good agree- 
ment with Paschen’s data. 


_ 66 x 10°%4Js 


“Sexe 6 


= 1.2 V since 1 V = 1 J C`}. 


SAQ 4 (a) Approximately + 1.25 V. Notice that the stopping 
voltage is positive. This is because the stopping voltage is defined to 
be the magnitude of the voltage between the plates when none of the 
electrons ejected from the illuminated plate reach the other plate 
(Figure 13). 


(b) Approximately + 1.25 V. This stopping voltage is the same 
as the one in part (a) of this question because the stopping voltage 
is independent of the intensity of the incident radiation (equation 6). 


(c) Approximately + 0.9 V. The variation of the stopping voltage 
V, with the frequency f of the incident radiation is given by equation 
6, hf — ¢ = eV,. In order to begin the calculation, the work 
function @ of the metal is needed: 
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p=hf —eV, 
= (6.6 x 10°34 Js x 9 x 10'* Hz) 
— (1.6 x 107°C x 1.25 V) 


ie. ġ = 3.9 x 10°19. 


(You could have found the work function from Figure 19, as you 
did when you answered part (b) of ITQ 2. The answer to that ques- 
tion is the same as the one obtained here, to within the small errors 
that are inevitable in taking readings from the graphs in the Text.) 
Now equation 6 can be used to find the stopping voltage when the 
frequency of the incident radiation is 8 x 10'* Hz: 


1 
Y=—-(f —®) 
e 


(6.6 x 10734 x 8 x 1014) — (3.9 x tig 
= 1.6 x 10719 


= 0.9 V. 


SAQ 5 Rutherford’s model allowed a crucial insight into the 
solution of Problem 1 ‘understanding atoms’, since this model 
incorporated the (correct) idea that each atom has a nucleus. The 
model also, of course, solved the problem of understanding Geiger 
and Marsden’s -scattering data. However, the model did not allow 
much insight to be gained into problems 2, 3 and 4. 


SAQ 6 (a) ra= 1.7 x 10°14 m. If the speed of the a-particle is 
doubled then, according to equation 9, its distance of closest 
approach to the nucleus will decrease by a factor of 1/27 = 1/4. 


(b) ra= 1.4 x 10713 m. If Q is doubled, then r,, is doubled 
(equation 9). 


(c) ra= 6.8 x 10714m. The mass of the target nucleus does not 
affect rą (equation 9). 


SAQ 7 (a) Thomson’s model is intrinsically unsatisfactory 
because it cannot explain why most matter is generally stable and 
why electrons should be confined in a positively charged sphere of 
diameter ~10~'!°m. Further, Thomson’s model cannot be used 
to understand the results of Geiger and Marsden’s a-scattering 
experiment, which can be explained by using Rutherford’s model. 


(b) Rutherford’s model is intrinsically unsatisfactory because it 
cannot explain why most matter is stable and why atoms have 
diameters of ~10~ 1° m. Also, Rutherford’s model cannot be used 
successfully to investigate the structure of the Periodic Table of 
chemical elements, whereas Thomson’s model can be used success- 
fully in such investigations. 


(c) Neither model explains why most atoms are stable and why 
they each have a diameter of ~ 10~!° m. Also, the models cannot 
be used to understand radioactivity, X-ray emission and spec- 
troscopic data. 


SAQ 8 See Table 2. 


SAQ 9 One difference is that the electron in the hydrogen atom, 
according to Bohr’s theory, moves in circular orbits whereas a 
planet moves in an elliptical orbit (Unit 1). Another difference is 
that, according to Bohr’s theory, the electron can have only certain 
definite values of angular momentum, whereas according to classical 
physics, a planet should have a constant (conserved) value of angular 
momentum. Finally, Bohr asserted that the electron could make 
transitions between energy levels—we do not observe an analogous 
phenomenon in the case of a planet. 


SAQ 10 Postulate 1 is based on purely classical physics, whereas 
postulate 4 is based on purely quantum physics. Postulate 2 is based 
ona mixture of the two types of physics, since it asserts that Newton’s 
(classical) laws hold except that the angular momentum of the 
electron is quantized. Finally, postulate 3 is really an anti-classical 
assumption—it asserts simply that Maxwell’s equations do not 
describe the electron in the hydrogen atom. 


46 


In my opinion, it is illogical to use classical and quantum physics 
simultaneously. In mixing the two, Bohr was taking a dangerous 
step, but as you'll be seeing shortly in the Text, he was amply 
justified by his success in accounting for many experimentally 
observed properties of the hydrogen atom. It was partly due to 
insights derived from the success of Bohr’s model that physicists 
were led to formulate a logically consistent quantum theory of 
atomic structure, which you'll be meeting in Units 14 and 15. 


SAQ 11 (a) No. An unbound electron has a continuum of 
possible positive energy states, i.e. the total energy of an unbound 
electron can, in principle, have any positive value (E,,, > 0). The 
electron’s total energy is quantized (that is, restricted to certain, 
definite values only) when it is bound in the atom (Figure 35). 


(b) The electron would be ejected from the atom, and it would 
finally have a total energy of + 0.6 eV. Since an electron in then = 2 
energy level has a total energy of —3.4 eV, the total energy of the 
ejected electron will be 4eV — 3.4 eV = +0.6 eV. 


SAQ 12 (a) No. The second postulate of Bohr’s model gives 
only the magnitude of the electron’s angular momentum in each 
Bohr orbit—none of the postulates specify the direction of the 
electron’s angular momentum. Hence, the postulates do not specify 
whether the electron orbits the nucleus in a clockwise or in an anti- 
clockwise direction. (In Figures 30 and 31, the electron is shown to 
be moving in the anticlockwise direction around the nucleus, so 
the electron’s angular momentum, L = m,(r x v), is directed out of 
the page, in this case. However, I might equally well have shown the 
electron moving in the clockwise direction, in which case its 
angular momentum would be directed into the page.) 


(b) L = 2h/n, using postulate 2. 


SAQ 13 (a) The Brackett series corresponds to transitions to 
the energy level characterized by the Bohr quantum number 4. 
Hence, by using equation 31’, 


2 


a 
Aqsa = 1458 L z nanometres. 


(b) The transition is from the a = 10 to the b = 4 energy level. 


a? 
Using the result of part (a), 1736 = 1458 - a 
a‘ — 


Hence, 


2 


1.191 = i.e. a° = 1.191a* — 19.06, i.e. a? = 99.8. 


a 
a ANG 
Clearly, then, a = 10. 

SAQ 14 (a) Using equation 17, 


(6.63 x 10-34 Js) x (3.00 x 10°ms_') 
10.2 x (1.60 x 107!° J) 
= 1.22 x 10°7m = 122nm. 


(b) The radiation would not be absorbed. You saw in part (a) of 
the question that if an electron makes a transition from the second 
lowest energy level to the ground state, then radiation of 122 nm is 
emitted. It follows that if radiation of wavelength 122 nm is absorbed 
by an electron in the ground state, the electron would make a 
transition to the second lowest energy level. This implies that 
radiation of wavelength 200 nm would not be absorbed, since the 
photons would not have sufficient energy to excite the electrons to a 
higher energy level. Remember, the longer the wavelength of the 
radiation, the smaller the energy of its photons, as you saw in 
equation 17. 


SAQ 15 (a) When theelectrons strike the target, they slow down 
and emit electromagnetic radiation: the kinetic energy of the 
electrons is converted into the energy of the radiation. Since the 
electrons lose different amounts of kinetic energy, the radiation 
emitted from the target has many different wavelengths. In other 
words, a continuous X-ray spectrum is emitted. 


(b) The radiation with the shortest possible wavelength is emitted 
by electrons that are brought to rest in one collision in the target. In 
this case: 


energy of the electron due 
to its acceleration through = energy of emitted photon 
a potential difference of V 


volts 
: s he 
Using equation 17, eV = F 
he 
Hence, Van 
eA 


Since the cut-off wavelength is 0.041 nm: 


(6.6 x 10°*4Js) x G x 10®ms +) 
(6 xio 2 ©) (Galex 106m) 


Hence, the accelerating 


voltage V = 30 kilovolts. 


SAQ 16 (a) Inone ofthe atoms in the target, the electron in one 
of the lowest energy levels is ejected by one of the electrons that are 
bombarding the target. An electron in a higher energy level makes 
a transition to the lower energy, thereby replacing the ejected 
Jelectron. During the transition, a characteristic X-ray is emitted. 


(b) A characteristic X-ray is emitted when an electron makes a 
transition between two energy levels separated by, typically, 
thousands of electronvolts. The wavelength 4 of the X-ray and the 
spacing AE between the energy levels are related by equation 17, 
A = he/AE. 


From Figure 41, you can see that the wavelengths of two of 
molybdenum’s characteristic X-ray spectral lines are 0.063 nm and 
0.072 nm. For the first of these spectral lines: 


(6.6 x 10-34 Js) x (3 x 10®'ms~*) 
= 6.3 x 107!4m 
= 31x O 
= 20keV. 


AE 


This calculation shows that two of molybdenum’s energy levels are 
separated by 20 keV. Similarly, the presence of the characteristic 
X-ray line of wavelength 0.072 nm in the molybdenum spectrum 
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implies that another pair of molybdenum’s energy levels are 
separated by 17 keV. 


(c) The crucial idea that allows an understanding of characteristic 
X-ray emission is that electrons in heavy atoms occupy energy 
levels. This idea is not incorporated in Rutherford’s model or in 


Thomson’s model. (However, the idea is incorporated in Bohr’s 
quantum model.) 


SAQ 17 The analogy is very close. X-rays and visible light are 
both types of electromagnetic radiation—they differ only in that 
X-rays have a much shorter wavelength than visible light. Charac- 
teristic X-rays are emitted from a heavy atom when an ejected 
inner-shell (low energy) electron is replaced by an outer-shell 
(high energy) electron, provided that the spacing between the two 
energy levels is thousands of electronvolts. Visible light is emitted 
from the hydrogen atom when an electron in an excited state makes 
one of four transitions to the n = 2 energy level. In these particular 
transitions, the radiation emitted is in the visible region 
(400-750 nm). The important point to note is that, in both cases, 
radiation of certain, definite (characteristic) wavelengths is emitted. 


SAQ 18 The Bohr model enabled progress to be made in solving 
each of the listed problems, except that of understanding radio- 
activity. The model enabled the radius of the hydrogen atom to be 
calculated and it gave clear insights into the spectroscopy of atomic 
hydrogen and into the nature of X-ray emission. Since Bohr’s was 
essentially a nuclear model of the atom, it was perfectly reasonable 
to use it in conjunction with Rutherford’s o-scattering theory to 
explain Geiger and Marsden’s data. 


SAQ 19 (a) This isa trick question! Bohr’s model could not be 
used to calculate rigorously the intensities of the spectral lines of 
atomic hydrogen. 


(b) When Bohr formulated his original model of the hydrogen 
atom, he assumed that the nucleus remains stationary as the 
electron moves around it, in a circular orbit. However, according 
to a principle of classical mechanics that you met in Unit 3, this 
assumption is unrealistic, since the electron and the nucleus should 
both move around their centre of mass. Bohr took this into account 
when he formulated his improved model. 


SAQ 20 [think that it is fairest to regard the model as a prototype 
for a satisfactory model of the atom—that was Bohr’s attitude to it, 
broadly speaking. 
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Table 1 Understanding atomic structure 
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- 


J. J. Thomson’s 
‘plum-pudding’ model 


Rutherford’s model 


Problem 1 

Understanding atoms 

Do they have constituents 
and why are their diameters 
roughly 107 1° m? 


Some progress made: 
atoms contain electrons 
—negatively charged 
particles. But what 

was the nature of the 
positively charged 
sphere in this model? 


Problem 2 
Understanding spectroscopy 


Why do atoms emit light of 
certain, definite frequencies, 
and how should Balmer’s 
formula be interpreted? 


Little progress made. 


Problem 3 
Understanding X-ray emission 


Why do some substances emit 
X-rays when they are 
bombarded by electrons? 


Little progress made. 


Bohr’s quantum model 
(based on Rutherford’s model) 


Problem 4 

Understanding radioactivity 
Why is some matter 
unstable and where do the 
ejected g- and f-particles 
and y-rays come from? 


Little progress made. 


Another problem 


Understanding «-particle 
scattering data 

Can Geiger and Marsden’s 
data be understood? 


Real trouble here. The 
data were in conflict 
with expectations based 
on the model. 
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Fundamental constants used in S271 
Symbol Quantity Value 


speed of light in vacuum 2.998 x 108 m s™'! 
permeability of free space An X 10 “Tm Aw! 
permittivity of free space 854 x 10-2 GN me 
x 10N m C7 
charge of the proton -602 x 10-4 
charge of the electron : x 10 Cc 
Planck constant 5; x 10 =] 
h/2n 055, x 10Sa 
3 ctron rest mass ; < 10-7! kg 

mc electron rest energy 8.187 x 107~'*J, or 5.110 x 10 "MeV 

—e/m, electron charge : mass ratio .759 x 10!'C kg 
proton rest mass .673 xX 10-7’ kg 
neutron rest mass 675 X 10-2" ke 
Rydberg constant .097 x 10’m7! 
Bohr radius .292 x 107!!'m 
Avogadro constant d x 107 mol! 
molar gas constant 8. JK mol"! 
Boltzmann constant tea Ea O riaa KS 


gravitational constant .673 x 10 Nm?kg 


Main units used in S271 
Quantity SI unit Symbol Quantity SI unit Symbol 


length metre power watt 
mass kilogram kg electric charge coulomb 
time second S potential difference volt 
frequency hertz resistance ohm 
electric current ampere A capacitance farad 
temperature kelvin K inductance henry 


energy joule J magnetic field tesla 


force newton N 


Useful conversions 


1 mile = 1.609 km l kilocalorie = 4 187 J 

1 U.K. gallon (gal) = 4.546 x 10-3 m? 1 electronvolt (eV) = x 10= a 

1 pound (Ib) = 4.536 x 10—'kg 1 kilowatt hour (kW h) = 3.600 x 10° J 

1 tonne = 1 000 kg 1 horsepower (hp) = 7.457 x 10° W 

1 year = 3.156 x 10’s 1 degree = (n/180) rad = 3 600 seconds of 
1 atmosphere (atm) = 1.013 x 10° N m~? arc 


Prefixes for fractions and multiples of units 

Fraction Prefix Symbol Multiple Prefix Symbol 
10~! deci 

10 centi : 107 hecto 

10-3 milli 103 kilo 

10 micro 10° mega 

10” nano 10° giga 

10-2 pico 10% tera 

D= femto ; 


